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 ABSTRACT
Canada’s plan for the permanent disposal of spent nuclear fuel involves a multiple-
barrier system contained within a deep geologic repository (DGR). The key engineered
barrier is the used fuel container (UFC), which is a copper-coated carbon steel vessel. The
environments to which the copper coating will be exposed in the DGR are very different
from those commonly encountered in copper corrosion studies. The copper (Cu) will be in
contact with thin stagnant layers of water, and the corrosion system will be exposed to a
continuous flux of -radiation. In the presence of -radiation, water and humid air
decompose to redox-active species such as H2O2 and HNO3, which make the corrosion
system more complex. Therefore, predicting the corrosion rate of Cu in the DGR and over
long timescales is challenging.
Corrosion involves many electrochemical and chemical reactions that are coupled
with interfacial transfer and solution transport of metal cations. The initial soluble
corrosion products will accumulate with time, and the reactions and transport of the initial
and intermediate corrosion products will provide routes for developing strong systemic
feedback, which can induce autocatalytic reaction cycles. Hence, the overall corrosion rate
is not expected to have a simple dependence on solution parameters, as would be predicted
using linear chemical dynamics. This makes it difficult to apply existing corrosion models
to predict the corrosion rate of copper in the environments anticipated in the DGR.
Consequently, in order to develop a corrosion model that can be used to predict the long-
term integrity of the UFC with confidence, it is critical to identify and decouple the key
elementary processes controlling the overall rate.
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In this thesis, systematic studies were conducted to decouple the effects of solution
parameters on the Cu corrosion dynamics. The parameters investigated were pH, oxidant
concentration, type of anion (e.g., SO42 and NO3), and solution layer thickness (𝑑𝑠𝑜𝑙), in
the presence and absence of -radiation. A combination of coupon exposure tests and
electrochemical measurements, along with post-test analyses, were performed to extract
the rate parameters required for a predictive model. In this work, the bulk solution
properties (dissolved copper and pH change) and the average chemical behaviour in the
interfacial region (morphology/composition of the corroded surface) were simultaneously
measured in order to investigate the copper corrosion dynamics.
This work has demonstrated that Cu corrosion progresses through different 
dynamic stages, and the key rate-determining steps have been identified for each stage. 
Stage 1 involves the oxidation of Cu0(m) (bound to the bulk metal) to solvated Cu2+(solv) in 
the interfacial region, followed by transport of Cu2+(solv) from the interfacial region to the 
bulk solution. When the bulk concentration of Cu2+(solv) approaches the solubility limit of 
Cu(OH)2, transport of Cu2+(solv) is significantly impeded, and hydrolysis occurs, 
accelerating the formation and precipitation of a Cu(OH)2 hydrogel. In Stage 2, the 
reduction of CuII species (Cu2+(solv) and Cu(OH)2) to CuI species (Cu+(solv) and Cu(OH)) in 
the hydrogel can be coupled with the oxidation of Cu0. The CuI species thus produced in 
the hydrogel layer then precipitate and grow as Cu2O crystals. Cuprous oxide crystal 
growth occurs via a redox-assisted Ostwald ripening process via coupling of the redox 
reactions of the redox active species (H2O2 and NO3−/NO2− redox pair) with the Cu0, CuI 
and CuII species. In Stage 3, the growth of thermodynamically more stable cupric-
hydroxide-anion (CuII-OH-X) salt crystals occurs at the expense of Cu2O crystals.
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The corrosion mechanism proposed in this thesis can successfully explain the effect
of solution parameters on the overall corrosion rate. The solution parameters affect the rates
of progression through the individual stages and the overall corrosion rates within the
individual stages. From these time-dependent studies, the metal oxidation rate parameters
required for model development can be extracted. This study is a step towards developing
a high-fidelity corrosion model.
KEYWORDS:
Copper, Corrosion Dynamics, Corrosion Mechanism, Nuclear Waste Disposal,
Gamma Radiation, Water Radiolysis, Electrochemical Reactions, Nitrate, Sulfate,
Interfacial Reactions
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SUMMARY FOR LAY AUDIENCE
Canada is exploring the long-term disposal of used nuclear fuel in a deep geologic
repository (DGR) using a multiple-barrier system, with a key barrier being the used fuel
container (UFC). Copper is an important candidate material for corrosion protection of the
UFC. In the DGR, the copper surface will be in contact with small water volumes trapped
in the clay buffer. The UFC and its environment will also be exposed to a continuous flux
of γ-radiation.
To develop a copper corrosion model that can be used to predict the long-term
integrity of the UFC with confidence, the effects of solution parameters on the copper
corrosion dynamics in the presence and absence of -radiation were studied. The corrosion
of copper metal in contact with a limited water volume was investigated as a function of
corrosion time in different conditions by measuring the solution pH and dissolved copper,
and analyzing the corroded coupon using different surface analysis techniques.
A mechanism for copper corrosion is proposed that can explain the effect of
solution parameters on the overall corrosion rate. The key elementary processes that control
the overall corrosion rate and the corrosion kinetics as a function of solution parameters
are described. This study demonstrates that in a small stagnant water volume, the
concentration of metal cations released due to corrosion can be high, even for a corrosion-
resistant material like Cu. The solution reactions and transport of dissolved metal cations
occur at rates that can strongly couple with electrochemical metal oxidation and
precipitation of oxide deposits. In the presence of such strong systemic feedback, the
effects of different solution parameters on the overall corrosion rate cannot be evaluated
based on linear chemical dynamics.
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This study is a step towards developing a high-fidelity copper corrosion model. The
effect of -radiation on Cu corrosion can be modelled effectively by incorporating the net
production rates of the key radiolysis products into the corrosion model based on the
proposed mechanism. This thesis presents the key findings, their implications for corrosion
science in general, and the potential implications of these results for the prediction of the
UFC copper corrosion allowance.
vii
This thesis is dedicated to my wonderful parents &
to my phenomenal husband
viii
CO-AUTHORSHIP STATEMENT
This thesis includes published data in Chapter 4.
For all the chapters, I am the main author and Prof. J.C. Wren is co-author.
Dr. J. Joseph and G. Whitaker helped with writing and editing.
M. Zakeri helped with performing the experiments for Chapters 4 and 5, and for
experimental setup and interpretation for Chapter 7.
For all chapters, Dr. J. Joseph helped with the post-test solution analysis.
ix
ACKNOWLEDGEMENTS
I would like to give a special mention to my supervisor, Prof. Clara Wren, for her
encouragement and advice. I really appreciate the confidence you have always shown in
me.
I will never forget Dr. Jiju Joseph for her wise advice and support. I would like to
thank her for all her help and hours of valuable discussion.
I am grateful to Giles Whitaker for giving me ideal suggestions that greatly
improved my writing. I also appreciate all the help from Dr. Nicholas Payne.
During my Ph.D., I have been fortunate to meet many extraordinary professionals.
I would especially like to thank Prof. James Noël who continuously supported me during
my studies.
I am fortunate to have been able to work on a NWMO project and I would like to
thank Dr. Behazin and Dr. Keech from this organization for their opinions and feedback.
I am thankful for my friends and group members, who made these five years fun
and joyful. Ryan for his Daddy Jokes, Moji and Rose for their suggestions and sharing their
experience, and Lindsay for being a great copper group member. Thank you, all Wren
Group members.
I have come into contact with so many more people over the five years of my Ph.D.
They have shaped my personality, and I would never be able to mention them all. Thanks
to everyone.
I would like to thank my family, especially my Mom and Dad, for being
encouraging and truly loving me. I owe them my life.
Finally, I would like to thank my husband and my best friend, Masoud Zakeri. He
supported me as a lab mate by helping me interpret data and understand corrosion concepts,





SUMMARY FOR LAY AUDIENCE ................................................................................ v
CO-AUTHORSHIP STATEMENT ................................................................................. viii
ACKNOWLEDGEMENTS………………………………………………………………ix
TABLE OF CONTENTS .................................................................................................... x
LIST OF TABLES ........................................................................................................... xvi
LIST OF FIGURES ........................................................................................................ xvii
LIST OF SYMBOLS ...................................................................................................... xxv
LIST OF ABBREVIATIONS ...................................................................................... xxviii
CHAPTER 1: INTRODUCTION .................................................................................... 1
1.1 BACKGROUND AND MOTIVATION ............................................................. 1
1.2 THESIS OBJECTIVES AND METHODOLOGY .............................................. 4
1.3 THESIS OUTLINE .............................................................................................. 6
1.4 REFERENCES ..................................................................................................... 7
CHAPTER 2: TECHNICAL BACKGROUND AND LITERATURE REVIEW ...... 9
2.1 MATERIALS BACKGROUND .......................................................................... 9
xi
2.2 CANADA’S PLAN FOR LONG-TERM MANAGEMENT OF USED
NUCLEAR FUEL ......................................................................................................... 10
2.2.1 Evolution of DGR Conditions During Long-Term Disposal ...................... 12
2.2.2 Radiation in the DGR Environment ............................................................ 14
2.2.3 Background on Radiation Chemistry .......................................................... 15
2.3 PRINCIPLES OF AQUEOUS CORROSION ................................................... 22
2.4 THERMODYNAMICS AND KINETICS OF COPPER CORROSION .......... 26
2.4.1 Copper Chemistry ....................................................................................... 26
2.4.2 Electrochemical Potentials of Copper Redox Reactions ............................ 27
2.4.3 Copper Compounds .................................................................................... 28
2.4.4 Structure and Composition of Copper Compounds .................................... 30
2.5 CORROSION OF COPPER ............................................................................... 36
2.5.1 Corrosion Characteristics of Copper in Aqueous Media ............................ 39
2.5.2 Corrosion Rate of Copper ........................................................................... 50
2.5.3 Corrosion of Copper under-Radiation ...................................................... 54
2.6 REFERENCES ................................................................................................... 58
CHAPTER 3: EXPERIMENTAL TECHNIQUES ..................................................... 65
3.1 SURFACE ANALYSIS TECHNIQUES ........................................................... 65
3.1.1 Optical Microscopy ..................................................................................... 65
3.1.2 Scanning Electron Microscopy (SEM) ....................................................... 66
xii
3.1.3 Focused Ion Beam (FIB) Milling ................................................................ 67
3.1.4 Raman Spectroscopy ................................................................................... 68
3.1.5 X-Ray Photoelectron Spectroscopy (XPS) ................................................. 69
3.2 SOLUTION ANALYSIS TECHNIQUES ......................................................... 70
3.2.1 Inductively Coupled Plasma-Optical Emission Spectrometry (ICP-OES) . 70
3.3 ELECTROCHEMICAL TECHNIQUES ........................................................... 71
3.3.1 Cyclic Voltammetry (CV) ........................................................................... 72
3.4 IRRADIATION .................................................................................................. 73
3.5 REFERENCES ................................................................................................... 74
CHAPTER 4: CORROSION DYNAMICS OF COPPER IN SULFATE
SOLUTION: EFFECT OF SOLUTION LAYER THICKNESS ............................... 76
4.1 INTRODUCTION .............................................................................................. 76
4.2 EXPERIMENTAL PROCEDURE .................................................................... 78
4.2.1 Materials and Solutions ............................................................................... 78
4.2.2 Test Procedure ............................................................................................ 79
4.2.3 Post Test Analysis ....................................................................................... 80
4.3 RESULTS AND DISCUSSION ........................................................................ 82
4.3.1 Time-Dependent Behaviours of Corrosion Dynamics in 1.3-cm Thick
Solution …………………………………………………………………………….83
4.3.2 Observed Effects of Solution Layer Thickness on Kinetic Stages ........... 120
xiii
4.4 SUMMARY ..................................................................................................... 136
4.5 REFERENCES ................................................................................................. 139
CHAPTER 5: COMBINED EFFECTS OF ANION AND SOLUTION LAYER
THICKNESS ON COPPER CORROSION DYNAMICS ........................................ 143
5.1 INTRODUCTION ............................................................................................ 143
5.2 EXPERIMENTAL ........................................................................................... 147
5.2.1 Materials and Solutions ............................................................................. 147
5.2.2 Test Procedures ......................................................................................... 148
5.2.3 Post-Test Analyses .................................................................................... 149
5.3 RESULTS AND DISCUSSION ...................................................................... 146
5.3.1 Corrosion in Cylindrical Solutions Containing H2SO4 vs HNO3 ............. 150
5.4 SUMMARY ..................................................................................................... 179
5.5 REFERENCES ................................................................................................. 181
CHAPTER 6: EFFECT OF GAMMA RADIATION ON THE EVOLUTION OF
COPPER CORROSION .............................................................................................. 185
6.1 INTRODUCTION ............................................................................................ 185
6.2 EXPERIMENTAL PROCEDURE .................................................................. 192
6.2.1 Materials and Solutions ............................................................................. 192
6.2.2 Irradiation Procedure ................................................................................ 193
6.2.3 Post Test Analysis ..................................................................................... 194
xiv
6.3 RESULTS AND DISCUSSION ...................................................................... 195
6.3.1 Effect of Radiation on Copper Corrosion in Sulfuric Acid Solutions of
Different Solution Layer Thicknesses..................................................................... 195
6.3.2 Effect of -Radiation on Copper Corrosion in Highly Alkaline 5 mM
Sulfate Solution ....................................................................................................... 203
6.3.3 Effect of -Radiation on Copper Corrosion in Acidic 10 mM Nitrate
Solution  ................................................................................................................... 207
6.3.4 Effect of Radiation on Copper Corrosion in Neutral 10 mM Nitrate Solution
 ................................................................................................................... 212
6.3.5 Localized Corrosion of Copper in Nitrate Solution .................................. 215
6.3.6 Corrosion of Copper in 10 mM Nitrite Solution in the Presence of -
Radiation (Effect of Anions) ................................................................................... 221
6.3.7 Mechanism of Copper Corrosion under -Radiation ................................ 225
6.4 SUMMARY ..................................................................................................... 231
6.5 REFERENCES ................................................................................................. 232
CHAPTER 7: AN EXPLANATION FOR THE UNUSUAL OBSERVED
ELECTROCHEMICAL BEHAVIOUR OF COPPER ............................................. 235
7.1 INTRODUCTION ............................................................................................ 235
7.2 EXPERIMENTAL PROCEDURE .................................................................. 239
7.3 RESULTS AND DISCUSSION ...................................................................... 240
7.3.1 Corrosion Potentials .................................................................................. 241
xv
7.3.2 Cyclic Voltammetry .................................................................................. 255
7.3.3 Effect of Type of Anion (The Electrochemical Behaviour of Cu in 10 mM
HNO3)  ................................................................................................................... 272
7.4 SUMMARY ..................................................................................................... 279
7.5 REFERENCES ................................................................................................. 281
CHAPTER 8: THESIS SUMMARY AND FUTURE WORK .................................. 285
8.1 SUMMARY ..................................................................................................... 285
8.2 OVERALL CONCLUSION ............................................................................ 291
8.3 FUTURE WORK ............................................................................................. 292
APPENDIX A: CHAPTER 4 SURFACE ANALYSIS DETAILS ............................... 294
APPENDIX B: EFFECT OF SURFACE PREPARATION ON COPPER CORROSION .
  ................................................................................................................................. 300
APPENDIX C: THERMODYNAMIC DATA FOR COPPER, SULFATE, AND
NITRATE REDOX SPECIES ........................................................................................ 310
APPENDIX D: CURRICULUM VITAE ...................................................................... 312
xvi
LIST OF TABLES
Table 2-1: The reported rate of copper corrosion measured by different researchers in
different conditions ........................................................................................................... 53
Table 4-1: The rates and the maximum yields of proton consumption and the near steady
state concentrations during copper dissolution, observed as a function of solution layer
thickness. ......................................................................................................................... 125
Table 4-2: Elementary reactions involved in the overall Cu oxidation process ............ 126
Table 5-1: List of solution conditions presented in Chapter 5. ...................................... 148
Table 6-1: List of solution conditions tested in the presence of radiation. .................... 192
Table 6-2: Corrosion rates and other experimental data for the different stages of
corrosion under radiation, and the durations of the corrosion stages. ............................ 224
xvii
LIST OF FIGURES
Figure 1-1: Illustration of the DGR proposed by the NWMO and the multiple-barrier
system that will isolate the used nuclear fuel ...................................................................... 2
Figure 2-1: (a) Copper lattice structure, (b) Wrought copper microstructure .................. 10
Figure 2-2: Graphic representation of the NWMO multiple-barrier system ................... 12
Figure 2-3: Calculated γ-radiation dose rates and accumulated doses at the internal and
external surfaces of the Canadian UFC, starting with 10-year-old fuel............................ 14
Figure 2-4: The radiation track of a fast electron (spur size not to scale). ...................... 19
Figure 2-5: Schematic of water radiolysis as a function of time following absorption of
radiation energy as a pulse. ............................................................................................... 20
Figure 2-6: Concentrations of nitrogen species calculated using the humid air radiolysis
model for different relative humidities in air at 75 oC and at a dose rate of 1 kGyh−1 .... 21
Figure 2-7: Pathways of a generalized electrode reaction ............................................... 24
Figure 2-8: Schematic illustration of the Butler-Volmer relationships for metal oxidation
and solution reduction reactions………………………………………………………    25
Figure 2-9: The solubility of Cu+ and Cu2+ as a function of pH ...................................... 27
Figure 2-10: Redox reactions between Cu0, Cu+ and Cu2+ and their standard potentials 28
Figure 2-11: Representations of (a) Cu2O, (b) CuO crystal lattice structure ................... 30
Figure 2-12: LaMer diagram schematic ........................................................................... 32
Figure 2-13: Schematic showing the different shapes of single Cu2O crystals with
increasing growth time ...................................................................................................... 33
Figure 2-14: SEM microphotographs of (a) antlerite, (b) brochantite, (c) posnjakite ..... 35
xviii
Figure 2-15: Pourbaix diagrams for copper at (a) Cu(aq) = 10-6 M and (b) Cu(aq) = 10-8 M at
25 C  ................................................................................................................................ 38
Figure 2-16: Pourbaix diagrams for Cu-water-SO4 system at 25 C at different [Cu] .... 38
Figure 2-17: Equilibrium potentials for O2/H2O2 and H2O2/H2O as a function of H2O2
concentration at 1 atm. ...................................................................................................... 47
Figure 2-18: Oxygen reduction reaction (ORR) pathways .............................................. 49
Figure 3-1: The Leica DVM6A digital microscope used for obtaining optical images. . 66
Figure 3-2: Schematics of (a) a standard SEM instrumental arrangement, and (b) a dual-
beam FIB and SEM arrangement ...................................................................................... 68
Figure 3-3: Schematic diagram of the excitation process in the photoelectron
spectroscopy technique ..................................................................................................... 70
Figure 3-4: A generalized schematic of an inductively coupled plasma-optical emission
spectrometer instrument and the PerkinElmer Avio 200 ICP-OES .................................. 71
Figure 3-5: Schematic of the conventional three-electrode cell. ..................................... 72
Figure 3-6: The potential waveform in a complete single (forward and reverse) CV scan
 ........................................................................................................................................... 73
Figure 3-7: The 60Co irradiator (220 Excel, MDS Nordion) and the custom-designed
sample holder that fits into the irradiation chamber. ........................................................ 74
Figure 4-1: Experimental setup for corrosion tests in shrink tubes……………………..79
Figure 4-2: Proton consumption (−H+)𝑚𝑒𝑎𝑠, dissolved copper [Cu2+]𝑚𝑒𝑎𝑠, and optical
and SEM images of surfaces obtained as a function of corrosion duration for copper
corrosion in solutions with thickness 1.3±0.1 cm, initially containing 5 mM H2SO4. ..... 84
Figure 4-3: Solubility of Cu+and Cu2+ as a function of pH at 25 °C ................................ 86
xix
Figure 4-4: SEM micrographs with different magnifications of the surfaces and the FIB-
cut cross sections of copper coupons corroded for different 𝑡𝑐𝑜𝑟𝑟 in 5 mM H2SO4
solutions of thickness1.3±0.1 cm.. .................................................................................... 93
Figure 4-5: Optical images of standard Cu2O, Cu(OH)2 and CuO powders showing their
colour in dry form. ............................................................................................................ 95
Figure 4-6: Schematic of the elementary rate-determining steps for metal oxidation in
Stage 1. ............................................................................................................................. 99
Figure 4-7: Schematic of elementary rate-determining steps of metal oxidation in Stage
2 and transition stage. ................................................................................................... 105
Figure 4-8: SEM micrographs with different magnifications of the surfaces and the FIB-
cut cross sections of copper coupons corroded for 96 h and 168 h in 5 mM H2SO4
solution layer thickness 1.3±0.1 cm. ............................................................................... 107
Figure 4-9: Representation of the Ostwald ripening process ......................................... 109
Figure 4-10: Schematic of the redox-assisted Ostwald ripening process proposed for
Cu2O crystal growth during copper corrosion. ............................................................... 112
Figure 4-11: (a) SEM images of the 72-h corroded surface, illustrating the bimodal size
distribution of Cu2O crystals grown by redox-assisted Ostwald ripening, and (b) optical
and SEM images of the 96-h corroded surface, showing dried-up wafer-like copper
hydroxide hydrogel. ........................................................................................................ 114
Figure 4-12: Aggregation of Cu2O crystals in Liesegang ring patterns observed on the
surface of a coupon corroded for 144 h (late in Stage 2) in a solution of
thickness 1.3±0.1 cm. ...................................................................................................... 116
xx
Figure 4-13: SEM micrographs with different magnifications of the surfaces, and the
FIB-cut cross sections of copper coupons corroded for 840 h in 5 mM H2SO4 solutions of
thickness 1.3±0.1 cm. ...................................................................................................... 118
Figure 4-14: Crystal growth of thermodynamically more stable Cu(OH)2nCuSO4 during
copper corrosion. ............................................................................................................. 120
Figure 4-15: [Cu2+]𝑚𝑒𝑎𝑠 and (−H+)𝑚𝑒𝑎𝑠 as a function of 𝑡𝑐𝑜𝑟𝑟 observed for copper
corrosion in stagnant 5 mM H2SO4 solutions of different thicknesses. .......................... 121
Figure 4-16: Optical and SEM images of surfaces corroded for different durations in
5 mM H2SO4 solutions of thicknesses 2.5±0.05 cm and 6.4±0.1 cm. ............................ 122
Figure 4-17: Duration of Stage 1 and 𝑑𝑖𝑠𝑠 (M/cm2/h) at early times in Stage 1
observed as a function of solution layer thickness. ......................................................... 124
Figure 4-18: SEM micrographs of the surfaces of copper coupons corroded for different
durations in 5 mM H2SO4 solution with depth 6.4±0.1 cm, for 840 h and 1728 h. ........ 129
Figure 4-19: The surface and cross-section images of the areas near the oxide wave
pattern centres observed in Stages 2 and 3 when 𝑑𝑠𝑜𝑙 =1.3 cm. .................................... 133
Figure 4-20: Optical and SEM images of surfaces corroded for solution layer thickness
1.3 cm and 2.5 cm after 840 h and 6.4 cm after 1728 h in 5 mM H2SO4 solution. ........ 135
Figure 5-1: Proton consumption, dissolved copper and surface morphology as a function
of corrosion duration for solution layer thicknesses 2.5±0.1 cm and 0.25±0.05 cm,
initially containing 5 mM H2SO4 or 10 mM HNO3. ....................................................... 152
Figure 5-2: Optical and SEM images for coupons corroded for different times in
different solutions with thickness 2.5±0.1 cm. ............................................................... 154
Figure 5-3: Schematic representation of the elementary steps ...................................... 157
xxi
Figure 6-1: Chemical environment the UFC will be exposed to in the DGR. ............... 186
Figure 6-2: Mechanism proposed for copper corrosion. ................................................ 191
Figure 6-3: Experimental setup for coupon exposure tests in the presence of gamma
radiation. ......................................................................................................................... 193
Figure 6-4: Time-dependent behaviours of dissolved copper [Cu2+]𝑚𝑒𝑎𝑠, pHmeas),, and
surface morphologies observed during copper corrosion in 5 mM H2SO4 solution with
various solution layer thicknesses (dsol = 0.25±0.05, 1.3±0.1, and 6.4±0.1 cm) in the
absence (“No-Rad”) and presence (“Rad”) of a continuous flux of -radiation. ............ 197
Figure 6-5: Different magnification optical micrographs of the surface of coupons
exposed to 1.3±0.1 cm of sulfuric acid in the presence of -radiation for 480 h. ........... 198
Figure 6-6: Time-dependent behaviours of dissolved copper [Cu2+]𝑚𝑒𝑎𝑠, (pH)meas, and
surface morphologies observed during copper corrosion in a solution with a solution
thinckness of 1.3 ± 0.1 cm, initially containing 5 mM SO42– at initial pH 10.9, in the
absence (“No-Rad”) and presence (“Rad”) of a continues flux of -radiation. .............. 204
Figure 6-7: The redox-assisted Ostwald ripening process proposed for Cu2O crystal
growth via H2O2 redox reactions. ................................................................................... 206
Figure 6-8: Optical images of a 480-h corroded copper surface after corrosion in 5 mM
SO42– at pH0 10.9 under a continuous flux of -radiation. ............................................... 207
Figure 6-9: Time-dependent behaviours of dissolved copper [Cu2+]𝑚𝑒𝑎𝑠, 𝑝𝐻𝑚𝑒𝑎𝑠, and
surface morphology observed during copper corrosion in a solution of thickness
2.5±0.1 cm initially containing 10 mM HNO3 in the presence (“Rad”) and absence (“No-
Rad”) of a continuous flux of -radiation. ...................................................................... 208
xxii
Figure 6-10: The redox-assisted Ostwald ripening process proposed for Cu2O crystal
growth via nitrate/nitrite redox reactions. ....................................................................... 211
Figure 6-11: Time-dependent behaviours of dissolved copper [Cu2+]𝑚𝑒𝑎𝑠, pHmeas, and
surface morphologies observed during copper corrosion in 2.5±0.1 cm thickness 10 mM
NO3– solution at different initial pHs in the presence and absence of a continuous flux of
-radiation. ...................................................................................................................... 214
Figure 6-12: Evolution of concentric rings formed on the surface of Cu in 10 mM NO3–
at different pHs under a continuous flux of -radiation. ................................................. 217
Figure 6-13: (a) SEM image of the surface, (b) Optical, SEM and FIB cross section
images of line b, and (c) Optical, SEM and FIB cross section images of line c at the
center of a concentric ring formed after 480 h corrosion under radiation in nitrate solution
with pH0 7.4. The EDS maps corresponding to the bottom cross section images indicate
that the pits are filled with Cu2O. .................................................................................... 218
Figure 6-14: Time-dependent behaviours of dissolved copper [Cu2+]𝑚𝑒𝑎𝑠, pHmeas , and
surface morphologies observed during copper corrosion in 2.5±0.1 cm depth 10 mM
NO2– solution and 2.5±0.1 cm 10 mM NO3– (at pH0 = 7.4), in the presence of a
continuous flux of -radiation. ........................................................................................ 223
Figure 6-15: Elementary rate-determining steps for metal oxidation in Stage 1 in the
presence of radiation. ...................................................................................................... 226
Figure 6-16: Metal oxidation in Stage 2 in the presence of radiation. .......................... 229
Figure 7-1: Time-dependent behaviours of 𝐸𝑐𝑜𝑟𝑟 of Cu in large volume solutions of: Ar-
purged 5 mM sulfuric acid (labelled “H+”), aerated 5 mM sulfuric acid (“O2”) aerated
5 mM sulfuric acid (“O2”), Ar-purged 10 mM HNO3 (“NO3–”) aerated 10 mM HNO3 (“O2
xxiii
+ NO3–”) and solutions of small volume: 5 mM SO42– pH0=0 (“pH 2, O2”) and 5 mM
SO42– pH0 3.0 (“pH 3, O2”). ............................................................................................ 241
Figure 7-2: The 𝐸𝑎𝑝𝑝 vs log 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 relationship observed during cyclic voltammetry of
Cu conducted with different prior Ecorr times/measurements and 𝐸𝑐𝑜𝑟𝑟 vs 𝑡𝑐𝑜𝑟𝑟 in Ar-
purged 5 mM sulfuric acid (“H+”) and aerated 5 mM sulfuric acid (“O2”).. .................. 256
Figure 7-3: The 𝐸𝑒𝑙𝑒𝑐 𝑣𝑠. log 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 relationship observed during the 1st cycle of CVs
of Cu conducted with different prior 𝐸𝑐𝑜𝑟𝑟-times/measurements (𝑡𝑐𝑜𝑟𝑟) in Ar-purged
5 mM sulfuric acid (“H+”) and aerated 5 mM sulfuric acid (“O2”). ............................... 260
Figure 7-4: 𝐸𝑒𝑙𝑒𝑐 𝑣𝑠 𝑙𝑜𝑔𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 relationships observed during the 1st cycle of CVs with
different 𝐸𝑐𝑜𝑟𝑟-times/measurements (𝑡𝑐𝑜𝑟𝑟) and the 𝐸𝑐𝑜𝑟𝑟 vs 𝑡𝑐𝑜𝑟𝑟 in Ar-purged 5 mM
sulfuric acid (“H+”) compared with aerated 5 mM sulfuric acid (“O2”). ........................ 265
Figure 7-5: The 𝐸𝑒𝑙𝑒𝑐 𝑣𝑠 𝑙𝑜𝑔𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 relationship observed during cyclic voltammetry
of Cu conducted with different prior 𝐸𝑐𝑜𝑟𝑟-times/measurements (𝑡𝑐𝑜𝑟𝑟) and the 𝐸𝑐𝑜𝑟𝑟vs
𝑡𝑐𝑜𝑟𝑟 in Ar-purged 10 mM HNO3 (“NO3–”) and aerated 10 mM HNO3 (“NO3– + O2”). 273
Figure 7-6: The 𝐸𝑒𝑙𝑒𝑐 vs log 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 relationship observed during the 1st cycle of Cu
CVs conducted with different 𝐸𝑐𝑜𝑟𝑟 - times/measurements (𝑡𝑐𝑜𝑟𝑟) and 𝐸𝑐𝑜𝑟𝑟 vs 𝑡𝑐𝑜𝑟𝑟 in
Ar-purged 5 mM H2SO4 (“H+”) in comparison with Ar purged 5 mM HNO3 (“NO3–”) on
the shown in upper row, and in aerated 5 mM H2SO4 (“O2”) in comparison with Ar
purged 5 mM HNO3 (“NO3–”) shown in lower row. ....................................................... 274
Figure A-1: Optical image, Raman spectrum of the surface, and SEM and EDS analysis
(EDS spot analysis) results for a cross-section of copper corroded for 168 h in solutions
of thickness 1.3 cm.. ....................................................................................................... 295
xxiv
Figure A-2: Optical image and Raman spectrum of the surface and SEM and EDS
analysis (EDS mapping) results for a cross-section of copper corroded for 840 h in
solutions of thickness 1.3 cm.. ........................................................................................ 296
Figure A-3: XPS spectra of a copper oxide surface produced after 168-h corrosion in
1.3 cm H2SO4 solution .................................................................................................... 298
Figure B-1: Cross-section SEM images of Cu after corrosion in 5 mM H2SO4 for
different time durations. .................................................................................................. 301
Figure B-2: Cross-section SEM images of Cu after 336 h corrosion in 5 mM SO42– with
initial pH 10.9, showing the highly porous microstructure at the center of a localized
circular ring (line 1), and the area outside the circular rings (line 2) .............................. 302
Figure B-3: Optical image of SKB copper coupon, etched in 20 ml 70 V% HNO3 for
50 s .................................................................................................................................. 303
Figure B-4: SEM images of the surface and cross-section of a freshly polished Cu
coupon. ............................................................................................................................ 304
Figure B-5: SEM images of the cross-sections of the freshly polished cold spray copper
coating surface ................................................................................................................ 306




𝐴 Surface area of the electrode
b Tafel slope
𝑏𝑎 Anodic Tafel slope
𝑏𝑐 Cathodic Tafel slope
𝑑𝑠𝑜𝑙 Solution layer thickness
Cum0 Copper atom
Cusolv2+ Fully solvated Cu2+ ion
Cuint2+ Cu2+ at interface




𝑒𝑞 Equilibrium potential of oxidation half reaction
𝐸𝑟𝑒𝑑




𝐸𝑖=0𝑓 Potential of zero current during cyclic voltammetry in forward scan (i.e.,
positive-going scan)






𝑖𝑎 Anodic current density
𝑖𝑏 Cathodic current density
𝑖𝑐𝑜𝑟𝑟 Corrosion current
𝑖𝑚𝑒𝑎𝑠 Measured current density
𝑖0 Exchange current density
k Reaction rate constant
l Length




R Molar gas constant
RP Charge transfer resistance
RS Solution resistance
S1 Dynamic Stage 1
S2 Dynamic Stage 2
S3 Dynamic Stage 3
 Charge transfer coefficient




 Frequency of photon





CANDU Canada Deuterium Uranium
CE Counter Electrode
CV Cyclic Voltammetry
DGR Deep Geologic Repository
DR Dose Rate
EDX Energy Dispersive X-ray
FCC Face-Centred Cubic
FIB Focused-Ion Beam
ICP Inductively Coupled Plasma
KE Kinetic Energy
ICP-OES Inductively Coupled Plasma-Optical Emission Spectroscopy
LPR Linear Polarization Resistance
NWMO Nuclear Waste Management Organization




SCE Saturated Calomel Electrode
SEM Scanning Electron Microscopy
xxix
RHE Reversible Hydrogen Electrode
SKB Svensk Kärnbränslehantering Ab (Swedish: Swedish Nuclear Fuel and
Waste Management Ltd.)
UFC Used Fuel Container
UV-Vis Ultraviolet and Visible
WE Working Electrode





1.1 BACKGROUND AND MOTIVATION
Nuclear power is one of the most low-carbon-emitting and environmentally
friendly energy sources. In Canada, 16% of the country’s electricity and more than 60% of
Ontario’s electricity supply comes from nuclear power [1,2]. However, the storage and
disposal of used nuclear fuel are of huge concern. Nuclear fuel used in Canada Deuterium
Uranium (CANDU®) reactors is in bundle form and is removed from the reactor after three
years, after which it is stored in spent fuel pools for 5-10 years. After this cooling period,
the fuel bundles are placed in large storage containers made of concrete and steel thick
enough to block the radiation still being emitted [3]. As of June 30, 2020 approximately 3
million of used fuel bundles are in temporary on-site storage awaiting permanent disposal
[4], and an additional 90,000 are generated each year [5].
Many countries are exploring the long-term disposal of used nuclear fuel in a deep
geologic repository (DGR) using a multiple-barrier system, with a key barrier being the
used fuel container (UFC) [6,7]. Copper is an important component of many UFC designs.
The current Canadian UFC design consists of an inner vessel made of carbon steel (CS)
for structural strength and an outer layer of integrally applied copper coating as an external
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corrosion barrier. The containers will house used fuel bundles from CANDU® reactors and
be stored approximately 500 m underground. The corrosion environments that the copper
layer will be exposed to in the DGR are very different from those commonly found in
copper corrosion studies. Figure 1-1 shows the Mark II UFC design proposed by the
Canadian Nuclear Waste Management Organization (NWMO).
Figure 1-1: Illustration of the DGR proposed by the NWMO and the multiple-barrier
system that will isolate the used nuclear fuel [7].
While it is not likely to impact the overall safety assessment of the UFC, it is
prudent to develop a robust understanding of copper corrosion under DGR conditions so
that its evolution over long timescales can be predicted with confidence. Predicting the
corrosion rate of copper in the DGR environment and over long time scales well beyond
those that can be easily tested in a laboratory is very challenging. Existing corrosion rate
models are typically formulated based on empirically observed behaviours, but corrosion
is a complex process involving many electrochemical and chemical reactions that can
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change over time. The inherent complexity of the system makes the extrapolation of
existing models to conditions beyond the studied ranges problematic.
The outer copper coating of the UFC will be exposed to environments that will be
different from those commonly employed in tests for determining corrosion rates. The
water volume per unit surface area (of water droplets and in the gaps between the copper
coating on the UFC and the surrounding clay buffer) will be small and the water will be
stagnant [6–8]. The initial pH of the water in contact with the copper coating is expected
to be neutral or basic, and the ionic strength of the water very low. However, the DGR
environment will not remain like this, but is expected to evolve through a series of stages
[9]. In the first stage (a few days to a few months) the environment will be aerated with no
condensed water on the copper surface; in the second stage (a few hundred years) the
container surface will dry out to the extent that aqueous corrosion ceases; in the third stage
the dry air will transition to fully water-saturated; the final stage involves an aqueous
anoxic environment (after container corrosion and reactions with minerals and organic
matter in the surrounding clay have consumed all of the available O2).
The UFC will be exposed to a continuous flux of γ-radiation emitted from the fission
and neutron activation products trapped in the spent fuel matrix. The dose rates of α- and
-radiation at the copper surface are negligible and will not affect copper corrosion. The -
radiation dose rate at the copper surface, however, has been calculated to be ~2.3 Gy/h for
10-year-old used fuel [6]. The -radiation interacts with the UFC and water condensed on
the surface of the container, as well as humid air in the environment. The radiation energy
absorbed by the solid metal quickly dissipates as heat without inducing any chemical
changes [9,10], whereas water or humid air undergo decomposition to form redox active
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species such as H2O2 and HNO3 [9,11–13]. These species can affect the corrosion behaviour
of metals, and HNO3 can also dissolve in the water on the copper surface, lowering the
solution pH.
Corrosion is a complex process involving a series of elementary processes which
include redox reactions at the metal-solution interface, solution reactions, transport
processes and oxide particle nucleation and growth. Unlike an electrochemical process on
an inert electrode, corrosion involves interfacial transfer of metal atoms as well as
electrons. This makes the solution reaction system in the interfacial region a chemically
open system. The reactions and transport of intermediate products can become increasingly
important with time if they can accumulate, and can establish a strong feedback loop with
the preceding processes (including charge transfer at the metal surface). Because of the
evolution of chemical reactions and transport processes during corrosion, the overall
corrosion rate does not have a simple dependence on solution parameters (e.g., pH,
temperature, solute concentrations, solution volume to surface area ratio, solution flow
rate) as would be expected from linear chemical dynamics.
1.2 THESIS OBJECTIVES AND METHODOLOGY
The main goal of this research is to develop a high-fidelity corrosion model that
can predict the long-term evolution of the copper corrosion rate as a function of solution
parameters. This model will be used by NWMO to determine with confidence the copper
corrosion allowance over the duration during which the radiation dose rate at the copper
layer is not negligible (~100 years). To develop the model, it is critical to identify and
decouple the key elementary processes that control the overall corrosion rate. The effects
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of solution parameters on the overall corrosion rate can then be quantified through their
effects on individual elementary processes.
In this thesis, systematic studies were performed to decouple the effect of solution
parameters on the copper corrosion rate. The parameters investigated were pH, oxidant
concentration, type of anion, and solution layer thickness (𝑑𝑠𝑜𝑙) in the presence and absence
of -radiation. The experimental approach used involved a combination of coupon
exposure tests and electrochemical measurements, along with post-test analyses, to
determine the effects of solution parameters and to extract the rate parameters needed to
develop a predictive model. The post-test analyses performed to investigate the
morphology and composition of oxides formed on the coupon surface were optical
imaging, scanning electron microscopy/energy dispersive X-ray spectroscopy
(SEM/EDX), focused-ion-beam (FIB)-cut cross-sections, X-ray photoemission
spectroscopy (XPS), and Raman spectroscopy. The change in pH and the amount of copper
dissolved in the solution were determined using standard pH measurement techniques, and
inductively coupled plasma optical emission spectroscopy (ICP-OES). All radiation
experiments in this work were performed in a 60Co gamma cell.
The work presented in this thesis will provide a better understanding of how the
solution reactions and transport of dissolved metal cations can strongly couple with
electrochemical metal oxidation and precipitation of oxide deposits. The key findings of
this work are presented in Chapters 4-7.
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1.3 THESIS OUTLINE
 Chapter 1: Thesis Motivation, Objectives, and Thesis Outline.
 Chapter 2: Materials Background, Literature Review and Theoretical Background.
 Chapter 3: Description of Experimental Techniques Used in Chapters 4-7.
 Chapter 4: Corrosion Dynamics of Copper in Sulfate Solution: Effect of Solution
layer thickness
In this chapter, the corrosion dynamics of copper were studied in sulfate
solutions in aerated stagnant conditions, using coupon exposure tests. The corrosion
kinetics were investigated by measuring the dissolved copper concentration, the
change in pH, and the morphology and chemical compositions of oxides formed on
the corroded surface. This chapter also investigated the effect of solution layer
thickness on the progression of the different stages of corrosion. The mechanism of
copper corrosion that will be the basis for a corrosion model for predicting the long-
term integrity of the UFC in the DGR was also discussed.
 Chapter 5: Combined Effects of Anion and Solution layer thickness on Copper
Corrosion Dynamics
This chapter investigates the combined effects of anions (sulfate and nitrate)
and solution layer thickness on copper corrosion dynamics. These anions are present
in the DGR groundwaters. The copper corrosion dynamics were investigated by
analyzing the average bulk concentration of dissolved copper, the pH (to determine
the overall proton consumption), and the morphology of the corroded surface, as a
function of corrosion time. The coupled reaction-diffusion kinetics and systemic
feedback are examined in detail.
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 Chapter 6: Effect of Gamma Radiation on the Evolution of Copper Corrosion
In the DGR, the UFC and its environment will be exposed to a continuous
flux of -radiation. In this chapter, the effect of -radiation on the evolution of the
corrosion dynamics of copper is studied. The effect of -radiation on the evolution
of the corrosion behaviour of copper was examined using coupon exposure tests
with solutions containing sulfate and nitrate anions with different initial pHs. The
effect of radiation on copper corrosion is explained based on the mechanism
developed in Chapters 4 and 5.
Chapter 7: An Explanation for the Unusual Observed Electrochemical Behaviour
of Copper
The unusual observed electrochemical behaviour of copper is discussed in
relation to the corrosion dynamics and their changes with time. The corrosion
behaviours of copper in sulfate and nitrate solutions in the presence and absence of
oxygen were investigated using electrochemical techniques. The electrochemical
behaviour of copper in small solution volumes and at higher pHs in sulfate solution
was also investigated in this chapter.
 Chapter 8: Thesis Summary and a Brief Discussion of Future Work.
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2 CHAPTER 2
TECHNICAL BACKGROUND AND LITERATURE
REVIEW
2.1 MATERIALS BACKGROUND
Copper has high electrical and thermal conductivity and excellent corrosion
resistance, making it invaluable for many applications [1,2]. Copper metal has a face-
centred cubic (FCC) lattice structure, as shown in Figure 2-1-a, and is a non-polymorphous
metal that generally occurs with polycrystalline grains. The distribution of grain size, grain
boundaries, and annealing twins in the microstructure of wrought copper can be observed
in Figure 2-1-b.
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Figure 2-1: (a) Copper lattice structure, (b) Wrought copper microstructure [3]
The electronic configuration of copper is [Ar] 3d10 4s1 [4]. Since there is one electron
outside a filled electronic shell of copper, i.e. 4s1, there has been a tendency to make
comparisons with alkali metals [5]. Due to the filled 3d orbitals, the interatomic interactions
in copper are dominated by the 4s electrons via metallic bonding. The metallic bonds in
copper lack covalent character and are very weak. The unique physical properties of
copper, such as its electrical conductivity and reddish colour [6] also relate to the single 4s
electron. The possibility of CuI and CuII oxidation states under different chemical or
physical conditions makes copper chemistry interesting [7].
2.2 CANADA’S PLAN FOR LONG-TERM MANAGEMENT OF USED
NUCLEAR FUEL
Nuclear power is a major source of low-carbon-emitting electricity in Canada. One
issue that remains to be resolved is the storage and eventual long-term disposal of a large
number of CANDU used fuel bundles, which are classified as high-level radioactive waste.
As of June 30, 2020, approximately 3.0 million bundles are in temporary on-reactor site
storage awaiting permanent disposal [8]. Canada’s CANDU reactors are still producing
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used fuel waste, and at the end of the planned operation of Canada's existing nuclear
reactors, the number of used fuel bundles is predicted to total 5.2 million [9]. Although the
used fuel's radioactivity decreases with time, the used fuel will remain radioactive for up
to 106 years.
Canada’s long-term plan for the disposal of used nuclear fuel involves a multiple-
barrier system. The Nuclear Waste Management Organization is responsible for designing
and implementing a deep geologic repository (DGR) for this purpose as described in
Chapter 1 (Figure 1-1). The used fuel bundles will be encapsulated in the used fuel
containers (UFC), which will be permanently disposed of deep underground [10]. To
ensure that the failure of any of these containers will not result in the release of
radionuclides to the outside of the container, the DGR strategy includes multiple barriers
to prevent radionuclides reaching the surface [11–13].
A detailed graphic representation of the NWMO multiple-barrier system is shown in
Figure 2-2. The key engineered barriers are (1) the highly insoluble sintered UO2 fuel
pellet, (2) the fuel cladding made of Zircaloy, (3) the used fuel container. The container is
made of carbon steel for structural strength, with a Cu coating (3 mm thick) as an external
corrosion barrier. The copper coating is applied using electrodeposition for the main
container body and a cold spray technique for the final weld closure coating. A 4th barrier
is the bentonite clay that surrounds the UFCs, and 5th the geosphere (disposal will be at
approximately 500 m below the earth’s surface). The bentonite clay will seal the area
adjacent to the container, effectively eliminating water flow, and significantly reducing the
transport of soluble species [14].
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Figure 2-2: Graphic representation of the NWMO multiple-barrier system [15].
2.2.1 Evolution of DGR Conditions During Long-Term Disposal
In the DGR, the UFC will be exposed to conditions which evolve with time. The
DGR environment will change from an initially oxidizing and warm phase to a long-term
cool and anoxic period. The solution conditions, including temperature, oxygen
concentration, and the concentration of groundwater species, and the relative humidity will
vary with time.
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The evolving DGR environment can be described by four stages, the duration of each
depending on the properties of the host rock. Stage 1 is post-placement and there may be
sufficient moisture to support aqueous corrosion that lasts a few days to a few months. The
environment during Stage 1 will be aerobic and the γ-radiation dose rate will be at its
highest level. Stage 2 is a dry-out period which is estimated to last for a few years to a few
hundred years. In this stage, the container surface will dry out sufficiently for aqueous
corrosion to cease. Stage 3 involves container re-wetting and saturation of the buffer, with
the possibility of non-uniform wetting of the container surface. Following saturation, the
temperature at the UFC surface will gradually decrease, and hydrostatic pressure will cause
moisture to move back towards the container. The rate at which oxygen trapped in the DGR
will be consumed depends on the oxidation rate of minerals in the clay and host rock, and
the rate of oxidation of the containers, both of which will depend on the DGR location and
geometry. Stage 4, or the long-term anoxic stage, begins once the environment reaches full
saturation. This stage is characterized by continued cooling, and anoxic conditions. The
dominant driver of corrosion during this stage will be the steady production of HS− due to
ongoing microbial activity [16].
The groundwater in the DGR location is predicted to contain a wide range of anions
including Cl−, SO42−, Ca2+, and HCO3−, the concentrations of which will depend on the
original groundwater composition and how it is modified by contact with the clay [16,17].
The initial concentration of SO42− in bentonite clay pore water is 0.014 M, and will decrease
slightly over time [16]. However, in the DGR environment, the corrosion conditions are
expected to be more challenging (due to the continuous flux of ionizing radiation emitted
from the used fuel) than experienced in typical corrosion environments.
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2.2.2 Radiation in the DGR Environment
In the DGR, the UFC environment (i.e. liquid water, water vapour, and humid air)
and the copper coating on the UFC metal will be exposed to the ionizing radiation emitted
by the decay of radionuclides in the used fuel. Of the different types of ionizing radiation
emitted by used fuel (, , and γ) only γ-radiation needs to be considered for reactions in
the water and gas phases, as  and  emitted particles will not penetrate through the
metallic UFC structure, and radiation energy absorbed by metal is dissipated as heat
[18],19]. The dose rate that the external surface of UFC will receive is estimated to be
approximately 2.3 Gy/h during the first 10 years, dropping to 0.2 mGy/h 50 to 100 years
after removal of the nuclear fuel from the reactor as shown in Figure 2-3 [20].
Figure 2-3: Calculated γ-radiation dose rates and accumulated doses at the internal and
external surfaces of the Canadian UFC, starting with 10-year-old fuel [20].
Gamma-radiation can induce ionization and decomposition of water molecules in the liquid
and gas-phases to yield redox-active species [18,19] that can alter the corrosion dynamics
of the copper coating. Gamma-radiolysis of humid-air and water droplets produces both
acidic species (HNO3, H+) and redox-active species (NOx, O2, H2O2) [20]. To predict the
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corrosion potential in the system and the longevity of materials present, it is necessary to
understand how radiation can change and control the redox chemistry in irradiated water
systems [21].
2.2.3 Background on Radiation Chemistry
The energy of particles and/or photons emitted via radioactive decay is not
sufficient to induce nuclear reactions, but it is much higher than required to cause ionization
and therefore, α-particles, β-particles and γ-rays are often referred to as ionizing radiation
[16,18-20]. Radiation chemistry involves the study of chemical effects produced in the
matter when exposed to high energy ionizing radiation (fast electrons from accelerators,
electromagnetic radiation (e.g. X- and -rays), and high-energy charged particles (e.g. 
and  particles). Radiation chemistry differs from photochemistry where the energy of
photons is of the order of a few eVs and can be tuned to the excitation energy of a target
solute molecule. Hence, photochemistry is described as a solute-oriented process, where
the bulk solution remains unaffected by the presence of the radiation. In contrast, high
energy ionizing radiation (KeV-MeV range) excites and ionizes a large number of
molecules indiscriminately along the radiation track and all molecules are equally likely to
interact with the radiation. Since the bulk solution is most affected, radiation chemistry of
solutions is described as a solvent-oriented process.
2.2.3.1 Interaction of Ionizing Radiation with Matter
Ionizing radiation, with an energy range of 10 keV to 10 MeV [22], loses energy
nearly continuously due to the large number of small energy transfers to the interacting
matter [23]. The initial interaction with matter is thus to ionize the molecules or atoms on
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the particle/photon path. The rate of energy transfer through a medium is referred to as the
linear energy transfer (LET) rate (defined as the amount of total energy lost per unit length).
The LET rate is important in determining the density of ions and electronically excited
molecules that are formed along the radiation track. This type of interaction is different
from that of fast neutrons with matter in which the probability of interacting directly with
nuclei is high; thus, for γ-radiation, atomic displacement is not considered when evaluating
its impact on materials degradation.
Alpha particles are the least penetrating of all forms of radiation. The -particles
interact with electrons within a medium, primarily through inelastic collisions, along the
radiation path. Because of the bigger mass of alpha particles in comparison with the
electrons they perturb, only small amounts of energy are lost with each collision, and the
large α-particles are not easily deflected from their paths. However, alpha particles have
large collision cross-section with electrons which prevents these particles from penetrating
deeply into the medium. As a result, very dense collection of excited and ionized particles
lies along a short stretch of the radiation track [23–25].
Beta-particles are high-energy electrons or positrons that interact through inelastic
collisions with electrons along their paths and have a large penetration depth. Since -
particles share the same mass as the electrons with which they interact, the particles can
lose up to half of their energy with each collision and can be deflected through a large
angle. Beta-particles can interact with additional electrons to lose their remaining energy.
Also, the electrons with which the -particles interacted can propagate the electron ejection
process, but with reduced efficiency through each cascade. Therefore, these particles create
a low-density collection of ions or excited molecules along their radiation tracks [23–25].
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Gamma rays have the largest penetration depth of the ionizing radiation types
described here. Gamma-rays transfer most of their energy by Compton scattering if their
energy exceeds 0.01 MeV. Compton scattering is a phenomenon in which the -ray
interaction with matter causes electron ejection from the molecule and the resulting -ray
photon emerges with reduced energy. The most probable Compton scatterings are either
near 100% energy transfer or near 0% energy transfer. Due to the low probability of
inelastic Compton scattering, the penetration depth of -radiation is large relative to all
other radiation forms. The ejected electrons from the Compton scattering with near 100%
energy transfer are referred to as the primary electrons. These primary electrons have
similar energies as β-particles. Hence, the collision cross section, the collision frequency,
and the mean free path per energy of each primary electron are similar to those of a β-
particle. Hence, the chemical effects, such as the primary radiolysis product yields per
absorbed energy, known as g-values, are essentially the same for both β- and γ-radiation.
The difference between β- and γ-radiation lies mainly in the energy transfer rate.
The penetration depth of α-particles, β-particles and γ-photons are  50 m (for α-
particles), 0.5 to 1 cm (for β-particles) and tens of cm for γ-rays in water at room
temperature. Due to the small volume in which its energy is deposited, α-radiation is
important only near the radiation source. Both α- and β-particles with energy less than 10
MeV are easily stopped by the UO2 fuel matrix and fuel cladding and therefore, for
corrosion of the UFC copper coating in the DGR, only γ-radiation is of importance.
2.2.3.2 Water Radiolysis Processes
Each radiation particle undergoes many collisions with the electrons in the
interacting matter while it loses its energy. These interactions are not selective and depend
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only on the relative abundance of electrons in the interacting matter. Since the electron
density is nearly proportional to the mass density (except in the case of H), the energy
transfer rate per unit mass is almost independent of the physicochemical nature of the
matter. The amount of energy absorbed by a solution can be simply expressed in units of
energy absorbed per mass, Gray (Gy), where 1 Gy = 1 J kg-1.
The average energy transferred from a radiation particle to a water molecule, per
collision, typically ranges from 60 to 100 eV. This amount of energy is a very small fraction
of the initial energy of the radiation particle (of the order of 1 MeV), so the collisions do
not slow the particle or change the radiation path appreciably (except at the very end of the
track).
The radiation particle moves in a straight line that is designated as the radiation
track as shown in Figure 2-4. The initial consequence of each energy transfer collision is
ionization or electronic excitation of a water molecule. The electrons ejected from the
initial ionization are sufficiently energetic (on the order of 100 eV) and can ionize one to
two neighboring water molecules. The result of each collision of a radiation particle with
interacting medium is the creation of clusters of 2 to 3 ion pairs (H2O•+ and e− hot) or
electronically excited water molecules (H2O*) along the radiation track. Each cluster is
referred to as a “spur”. The electron of each ion pair is referred to as ‘hot’ because it has
kinetic energy that is higher than the thermal energy. The hot electrons can move away
from the Coulombic influence of the paired ions. The probability of the electron-ion pairs
recombining back to water molecules is lower in higher dielectric media such as water.
Because the electrons, ions and radicals can be stabilized over time scales of chemical bond
dissociation and/or formation, radiation induces stronger chemical effect in water.
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Figure 2-4: The radiation track of a fast electron (spur size not to scale).
The electrons formed in a spur will typically have sufficient kinetic energy to move away
from their H2O+ counter-cations. This process is referred to as expansion of the spur. As
the spur is expanding, the ‘dry’ electrons that arose from the water molecule ionization will
be solvated and become hydrated electrons (eaq). The water cations and any excited water
molecules in the spur will interact with other solvent water molecules as shown in Figure
2-5.
1 m
Radiation track (fast electron)
in liquid water at 25 oC




Figure 2-5: Schematic of water radiolysis as a function of time following absorption of
radiation energy as a pulse. The figure on the right-hand panel shows the expansion of
spurs with time [22].
When the water decomposition products have moved outside the range of influence
by Coulombic attraction of their counter partners (ions or radicals), the radiation products
are said to be out-of-spur and they can be considered as free ions and free radicals. Once
the system reaches this stage, the subsequent physical and chemical processes of these
‘free’ species can be treated as ordinary bulk-phase chemistry. The time frame during
which spur expansion occurs is approximately 100 ns in liquid water at 25 oC. The
radiolysis products formed on this timescale are commonly referred to as primary radiolysis
products, whose chemical yields depend primarily on the total absorbed radiation energy.
Hence, the primary radiolysis product yields are expressed per unit of absorbed radiation
energy and are referred to as “g-values” in units of μmol J1 [22,23].
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2.2.3.3 Humid Air Radiolysis
Humid air radiolysis produces nitric acid. Figure 2-6 shows some previously
published humid air radiolysis modeling results [25].
Figure 2-6: Concentrations of nitrogen species calculated using the humid air radiolysis
model for different relative humidities in air at 75 oC and at a dose rate of 1 kGyh−1 [20].
The concentrations of nitrogen species produced by irradiation of 0% RH, 10% RH,
and 85% RH air were calculated at 75 °C and a dose rate of 1 kGyh−1. The calculations
show that, for the irradiation of dry air (0% RH air), the main products are O3 and NOx
species (N2O5, NO2 N2O) and nitric acid is not produced. However, in humid air, HNO3
production becomes significant. At 10% RH, HNO3 production increases with increasing
irradiation time. At 85% RH, HNO3 is the main oxidizing species produced. The modelling
results show that H2O2 is also produced during humid air radiolysis. The HNO3 formed in
the gas phase will be continually condense at the surface of container. The adsorption of
HNO3 lowers the pH of the water droplet and increases the concentration of nitrate. The
HNO3 production rate via humid air radiolysis and subsequent absorption into a condensed
water droplet on a container surface was estimated by Morco et al. [20]. The analysis
performed indicated that the [HNO3(aq)] that would accumulate over the full waste disposal
period would be less than 100 mM, assuming that all of the radiolytically produced HNO3(g)
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within a gas volume 100 times larger than the volume of the water droplet is absorbed in
the water droplet.
2.3 PRINCIPLES OF AQUEOUS CORROSION
Metal corrosion in aqueous environments involves charge transfer reactions through
oxidation of metal (M → M n+ + ne–) and reduction of solution species (Ox + n e–→ Red).
The overall charge transfer reaction is
M + Ox → Mn+ + Red          (Eq. 2-2)
Corrosion occurs because the metal-solution system is trying to reach chemical
equilibrium. The thermodynamic driving force for each half-reaction is [26];
−∆𝑜𝑥𝐺 = 𝑛𝐹 𝐸𝑐𝑜𝑟𝑟 − 𝐸𝑜𝑥
𝑒𝑞 (Eq. 2-3a)
−∆𝑟𝑒𝑑𝐺 = 𝑛𝐹 𝐸𝑐𝑜𝑟𝑟 − 𝐸𝑟𝑒𝑑
𝑒𝑞 (Eq. 2-3b)
where −∆𝑜𝑥𝐺 and −∆𝑟𝑒𝑑𝐺 are the Gibbs free energy change in metal oxidation
half-reaction and solution reduction half-reaction, 𝐸𝑜𝑥
𝑒𝑞 and 𝐸𝑟𝑒𝑑
𝑒𝑞  are the equilibrium
potentials for the metal oxidation half-reaction and the solution reduction half-reaction, and
𝐸𝑐𝑜𝑟𝑟 is the electrochemical potential of the corroding system at the time of reaction, F is
Faraday’s constant (96,485 C/mol), and n is the number of electrons transferred.
Applying the Nernst equation shows that the equilibrium potential is a function of
the equilibrium activities of the redox species involved
𝐸𝑜𝑥
𝑒𝑞=𝐸(𝑀𝑛+/𝑀0)
















where T is the temperature (in Kelvin), R is the gas constant (8.314 J/mol), 𝐸(𝑀𝑛+/𝑀0)
0 and
𝐸(𝑜𝑥/𝑟𝑒𝑑)0  are the standard reduction potentials for the corresponding oxidation and
reduction half-reactions, and 𝑀𝑛+
𝑒𝑞 , 𝑀0
𝑒𝑞 , 𝑂𝑥
𝑒𝑞 , and 𝑅𝑒𝑑
𝑒𝑞  represent the chemical activities
of the corresponding species when the corroding system reaches equilibrium. The activity
of a pure solid metal species is 1.0 by definition.
An overall electrode reaction (Оx + ne– → Red), consists of a series of steps that
cause the conversion of the dissolved oxidized species, Ox, to a reduced form, Red, and
the inverse (see Figure 2-7). In general, in an electrochemical reaction, the current is
governed by the rates of (i) electron transfer at the electrode surface, (ii) surface reactions
such as adsorption, desorption, etc., (iii) chemical reactions preceding or following the
electron transfer (homogenous, such as protonation, or heterogenous, such as catalytic
decomposition), (iv) mass transfer of metal cations from metal surface to the solution phase
(and oxidants from the solution phase to the surface). The rate constant (k) of a charge
transfer reaction at the electrode surface depends on the electrode potential.
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Figure 2-7: Pathways of a generalized electrode reaction [6].
If the 𝐸𝑐𝑜𝑟𝑟 is sufficiently far away from the equilibrium potentials of the two half
reactions, the anodic and cathodic currents can be approximated by:
             𝑖𝑜𝑥  =  𝑖𝑜𝑥
𝐸𝑜𝑥
𝑒𝑞
 𝑒𝑥𝑝( 𝑜𝑥 𝑛𝐹𝑜𝑥
𝑅𝑇
) –  𝑒𝑥𝑝 (–
(1−𝑜𝑥)𝑛𝐹𝑜𝑥
𝑅𝑇
)                          (Eq. 2-5a)
             𝑖𝑟𝑒𝑑  =  𝑖𝑟𝑒𝑑
𝐸𝑜𝑥
𝑒𝑞
 𝑒𝑥𝑝( 𝑟𝑒𝑑 𝑛𝐹𝑟𝑒𝑑
𝑅𝑇
) –  𝑒𝑥𝑝 (–
(1−𝑟𝑒𝑑)𝑛𝐹𝑟𝑒𝑑
𝑅𝑇







 are the exchange currents for the metal oxidation and the solution
reduction half-reactions at equilibrium. The 𝑜𝑥 and 𝑟𝑒𝑑 are transfer coefficients which
represent the relative dependence of the forward and reverse reaction rates on overpotential
(). Transfer coefficient indicates the fraction of the electrostatic potential energy that
affects oxidation and reduction reactions which are typically 0.5. The Butler-Volmer
relationships are schematically presented in Figure 2-8.
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Figure 2-8: Schematic illustration of the Butler-Volmer relationships for metal oxidation
and solution reduction reactions.
Butler-Volmer equation can be applied only to elementary half-reactions that are
reversible. If the overall metal oxidation occurs in multiple reversible half-reactions, one
must apply the Butler-Volmer equation to each half-reaction with appropriate equilibrium
(or steady-state) concentrations of the redox pair involved in the half-reaction (not the
initial reactant and the final product of the overall half-reaction).
The net current of a naturally corroding system is zero. If the anodic current is
entirely due to metal oxidation, the corrosion current signifies the rate of corrosion. Thus,
to obtain the corrosion current, the system is often polarized by applying an external
voltage, 𝜂. Under polarization, the net current is determined by the Wagner-Traud equation
(Eq. 2-6a) derived from Butler-Volmer equation.
              𝑖𝑝𝑒𝑙𝑒𝑐 𝑖𝑐𝑜𝑟𝑟 𝑒𝑥𝑝(
𝑜𝑥 𝑛𝐹 (𝐸𝑒𝑙𝑒𝑐−𝐸𝑐𝑜𝑟𝑟)
𝑅𝑇
) –  𝑒𝑥𝑝 (𝑟𝑒𝑑𝑛𝐹(𝐸𝑒𝑙𝑒𝑐−𝐸𝑐𝑜𝑟𝑟)
𝑅𝑇











When the value of |𝜂| is high enough, the term 𝑒𝑥𝑝( 𝑜𝑥 𝑛𝐹 (𝐸𝑒𝑙𝑒𝑐−𝐸𝑐𝑜𝑟𝑟)
𝑅𝑇
) or
𝑒𝑥𝑝( 𝑟𝑒𝑑 𝑛𝐹 (𝐸𝑒𝑙𝑒𝑐−𝐸𝑐𝑜𝑟𝑟)
𝑅𝑇
) in Eq. 2-6a can be neglected and Eq. 2-6b and Eq. 2-7 can be
derived.
All the constraints of applying the Butler-Volmer relationship also apply to the
Wagner-Traud equation. For example, if one of the coupled half-reactions is irreversible
or mass-transport limited, the linear combination of the Butler-Volmer equations of the two
half-reactions cannot be used to obtain the Wagner-Traud equation. Furthermore, when
applying the Wagner-Traud equation, the assumption that has been made in deriving the
Wagner-Traud equation from Butler-Volmer equation must be taken into consideration.
One assumption is that the oxidation and reduction reactions which occur at the corrosion
potential should be the only reactions which occur during determination of the polarization
curves (i.e., the net metal oxidation half-reaction in anodic region and the net oxidant
reduction half-reaction in cathodic region). If any of the half-reactions is irreversible or
mass-transport limited, the linear combination of the B-V equations of the individual half-
reactions cannot be used to obtain the current-potential relationship of the overall metal
oxidation or overall oxidant reduction.
2.4 THERMODYNAMICS AND KINETICS OF COPPER CORROSION
2.4.1 Copper Chemistry
Depending on the anions present in water, the interaction of copper with water
forms Cu cations, different soluble and/or insoluble complexes or oxides [27]. The
solubility of metal cations may vary by orders of magnitude, depending on the oxidation
state of the metal, the anions present, and the pH of the solution. The solubility of Cu+ is
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about two orders of magnitude lower than that of Cu2+ at pH 5.0, but the difference
decreases with increasing pH up to the pH of minimum solubility [27]. The solubilities of
Cu+ and Cu2+ as a function of pH in water are replotted in Figure 2-9. In the absence of
anionic ligands, the cupric ion is the preferential form at low pHs.
Figure 2-9: The solubility of Cu+ and Cu2+ as a function of pH [17].
2.4.2 Electrochemical Potentials of Copper Redox Reactions
Copper exists in three main oxidation states: 0, +1 and +2. The standard potentials
for redox reactions between different copper species are listed below (Eq. 2-8 to Eq. 2-10)
and shown in Figure 2-10;
Cu+ + e Cu E0 = 0.521 VSHE (Eq. 2-8)
Cu2+ + 2 e Cu  E0 = 0.342 VSHE (Eq. 2-9)
Cu2+ + e Cu+ E0 = 0.153 VSHE (Eq. 2-10)
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Figure 2-10: Redox reactions between Cu0, Cu+ and Cu2+ and their standard potentials
[17].
2.4.3 Copper Compounds
Metal-oxide crystal growth from dissolved metal cations depends strongly on the
solubility of the metal cation in the medium (i.e. solution) because it influences the
adsorption kinetics of the cation on the planes of the growing crystal. Metal basic salts with
anions such as chloride, carbonate, sulfate, or nitrate have solubility different from their
respective oxide or hydroxide precipitates. It is essential to understand the main parameters
affecting the formation of basic salts and their interconversion with the respective oxide or
hydroxide forms.
Copper I oxide is the most stable compound in the Cu-O system. The formation of
CuII hydroxide (Eq. 2-11) can be followed by the reduction of CuII hydroxide to CuI oxide
by copper [28] (Eq. 2-12):
[Cu + ½ O2 + H2O  Cu(OH)2], G0298K = -122.2 kJ mol-1        (Eq. 2-11)
[Cu(OH)2 + Cu  Cu2O + H2O], G0298K = -28.3 kJ mol-1        (Eq. 2-12)
It has been suggested that for copper exposed to water containing oxygen, a film
composed of copper and copper hydroxide will be present on the metal surface [28]. Metal
cations are hydrated in aqueous solutions. Cupric ions in solution can therefore be referred
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to as [Cu]hyd, Cu(H2O)42+ [28] or simply Cu2+(aq). The hydrolysis of CuII ions occurs in the
following stages, and the equilibrium constant (K) and the logarithm of acid dissociation
constant (pKa) values can be calculated from the change in Gibbs free energy [28].
Cu2+(aq) + H2O CuOH+(aq) + H+      (Cu(H2O)42+ +H2O Cu(H2O)3OH+ + H3O+),
K = 3.4 10-7, pKa = 6.47 (Eq. 2-13)
CuOH+(aq) + H2O  Cu(OH)2(aq) + H+ (Cu(H2O)3OH+ + H2O  Cu(H2O)2OH2(aq)
+ H3O+), K = 2.5  10–8, pKa = 7.60                                (Eq. 2-14)
Subsequent hydrolysis reactions are the reactions of Cu(OH)2(aq) and [Cu(OH)3]
with a pKa value of 11.2, and the hydrolysis reaction of [Cu(OH)3] and [Cu(OH)4]2 with
pKa of 14.2 [28]. Hydrolysis of CuII ions is accompanied by the formation of a CuII
hydroxide precipitate [28].
Also, according to (Eq. 2-15), the pH at which the total dissolved copper
concentration is equal to 1 M is 4.33. Precipitation of a blue gel-like precipitate in the
processing of cold solutions of CuII salts with alkali solution at pH 5.0 to 5.5 has been
reported [28].
Cu2+(aq) +2 H2O  Cu(OH)2(s) + 2 H+ , K= 2.2  10–9 (Eq. 2-15)
In addition to the above reactions, Cu2+ may interact with anions in the solution.
Complex formation between CuII and the common environmental ligands Cl–, OH–, CO32–
, SO42–, and PO43– can have a significant effect on CuII speciation in natural waters with
low concentrations of organic matter [29]. For example, sulfate ions may form crystal
hydrates as described below [28]. Also, copper hydroxy complexes in the form of
compounds such as brochantite can form via the reactions below [28].
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[Cu2+ + SO42 + 5 H2O  CuSO4. 5 H2O(s)], G0298K = 30.83 kJ mol–1 (Eq. 2-16)
[4 Cu(OH)2 + 2 H+ + SO42 CuSO4.3Cu(OH)2 + 2 H2O ], G0298K = 34.21kJ mol–1
    (Eq. 2-17)
The most common basic cupric sulfates in nature are brochantite
[CuSO4.3Cu(OH2)] and antlerite [CuSO4.2Cu(OH)2], the latter being stable at low pH and
high [SO42]. Three hydrated forms of brochantite are known: langite
[CuSO4.3Cu(OH)2.2H2O], wroewolfeite [CuSO4.3Cu(OH)2.2H20], and posnjakite
[CuSO4.3Cu(OH)2.H2O. Posnjakite and langite have been found together with brochantite
in copper corrosion (patina formation) [30].
2.4.4 Structure and Composition of Copper Compounds
Figure 2-11 shows the face-centred cubic (fcc) structure of Cu, the cubic structure
of Cu2O and the monoclinic structure of CuO.
Figure 2-11: Representations of the (a) Cu2O, (b) CuO crystal lattice structure [32]. Red
represents copper and brown represents oxygen.
The crystal structures of Cu and Cu2O are cubic. For cupric oxide, the lattice
constants are a = 4.68 Å, b= 3.42 Å, c = 5.14 Å, α = γ = 90°, and β = 99.6° [32]. The space
group for Cu2O is pn3-m with a = 4.267 Å; for Cu it is Fm 3-m with a = 3.615 Å;. The
interatomic distances between Cu–O and Cu–Cu are 1.84 Å and 3.02 Å, respectively [31].
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Each copper atom in Cu2O is coordinated with two oxygen atoms, and each oxygen is
coordinated with four copper atoms [33]. The structure of Cu2O can be viewed as two
interpenetrated sublattices: a body-centred arrangement of O2 anions with an fcc sublattice
of Cu+ cations. Cupric oxide, CuO, is a black solid with a monoclinic structure (C2/c)
where the Cu atom is coordinated to 4 oxygen atoms [1]. Cupric hydroxide, Cu(OH)2, is a
duck-egg blue solid, is unstable in water when carbon dioxide is present and is poorly
crystalline [34]. The unit cell parameters for the orthorhombic crystalline structure of
Cu(OH)2 are a = 2.951 Å, b = 10.592 Å, c = 5.257 Å and α = β = γ = 90° [35]. The rare
mineral georgeite, which has the same chemical formula as malachite, CuCO3Cu(OH)2, is
also a pale-blue amorphous gel-like compound [36]. There is evidence of recrystallization
of metastable georgeite precipitate to malachite within three hours at 20° C [34]. Relative
to many other copper compounds, copper hydroxide has very low solubility and is not
stable in aqueous solutions.
Studying the morphology of copper oxide can give us an insight into both the
thermodynamics and kinetics of formation of these oxides, thereby helping to understand
the mechanism of corrosion in an evolving solution. Chemical and physical processes
controlled by both thermodynamics and kinetics are involved in crystal growth.
The conventional method for solution-phase synthesis of Cu2O oxide nanoparticles
is the reduction of CuII salts using reducing agents or by applying potential or current [1].
Different mechanisms have been suggested for cuprous oxide formation. One mechanism
involves formation of Cu2O through the reduction of Cu2+ according to reaction 2-18
[37,38]. Thus, the concentration of reagents, pH and also the reducing power of the solution
may affect the rate of formation of Cu2O and morphology of the oxide formed.
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2 Cu2+ + H2O + 2 e Cu2O + 2 H+        (Eq. 2-18)
The process of nucleation and growth of copper oxide can be explained through the
LaMer mechanism [39]. The three stages of this mechanism are (i) the concentration of
free monomers increases rapidly in solution; (ii) when the concentration of the precursor
solute reaches the critical level for nucleation, the nucleation stage starts. The "burst-
nucleation" of monomers significantly reduces the concentration of free monomers in
solution. The rate of this nucleation is defined as "effectively infinite", and no nucleation
occurs after this point due to the low concentration of monomers; (iii) following nucleation,
the growth process occurs under diffusion control. The schematic of the three stages is
shown in Figure 2-12.
Figure 2-12: Schematic of LaMer diagram [39].
The shape of Cu2O is basically defined by the {111}, {100}, and {110} facets. The
lattice bond strengths and surface energies of the crystal atoms on different planes are
different. Thus, different crystal planes grow at different rates and the crystal shape changes
as it grows. The {111} facet has higher stability than the other facets [40]. The
thermodynamics of Cu2O single crystal growth calculated from the surface and lattice
energies indicate that the rate of growth perpendicular to a crystal plane is fastest to slowest
33
in the following order of crystallographic planes {113} > {102} > {100} > {110} > {111}.
The speed of crystal growth along the {100} and {111} directions determines the
morphology of Cu2O crystals. A low ratio of 0.58 leads to a cube, and a ratio as high as
1.73 results in an octahedron [41]. A single Cu2O crystal initially grows in the form of a
cube having six facets of {100} planes, but slowly changes from a cube to a truncated cube
and a truncated octahedron and eventually to octahedrons having eight facets of the
thermodynamically most stable {111} planes as shown in Figure 2-13. Depending on the
number density of single crystals, they may aggregate to form single or multiple twin
crystals within a short time, which then continue to grow into shapes ranging from
bipyramid to decahedron, etc. [33].
Figure 2-13: Schematic showing the different shapes of single Cu2O crystals with
increasing growth time [17].
The final morphology of Cu2O is determined by factors such as solution pH [1]. By
controlling the kinetics of the growth of Cu2O, it can crystallize in different polymorphs
such as cubes, rhombic dodecahedra, branching structures and hopper cubes [33]. The
[111] direction diminishes during the crystal growth, and the rate of this growth is
controlled by kinetic factors such as temperature, the concentration of precursors, and
additives such as inorganic ions and organic molecules [33].
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Inorganic ions may possess the ability to block the growth perpendicular to a
particular facet, and this ability is independent of the ion's affinity to the facet [41].
Inorganic ions, ligands, pH, and temperature have been identified as factors that control
the chemical reactions and overall crystallization process. These factors determine the
phases, and also the size and morphologies of copper oxides [1]. A salt or crystal grows by
incorporating the crystal constituent atoms adsorbed on the crystal surfaces into the
growing lattice structure [42]. In the presence of additives that preferentially adsorb on a
certain set of crystallographic planes, the growth rate of the crystal is affected, resulting in
a change in the final crystal shape [43]. Since nitrate ions stabilize {100} planes, their
presence can result in cubic Cu2O, and these cubes will eventually transform into truncated
cubes [33].
 Branching growth occurs when the system is far from the equilibrium state, where
the driving force is high. Crystals grown under or near equilibrium conditions develop
simple shapes with well-developed facets that can achieve minimum surface energy.
Likewise, under conditions far from equilibrium, factors other than surface energy (e.g.
surface kinetics and mass transport) control the shape of the crystals, and crystals possess
complex forms [44]. Depletion of ions or molecules around the crystal results in a
concentric diffusion field near the crystal. Thus, faster growth of the apexes of the
polyhedral crystals leads to the formation of branching structures. Kinetics play an
important role in branching growth [33].
The formation of CuO through dehydration of Cu(OH)2 in water at temperatures
higher than 70 °C has been reported. Copper hydroxide, Cu(OH)2, with orthorhombic
crystal structure is a metastable phase which can transform into more stable copper oxides.
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In the solid state at 423 K, reaction 2-19 is proposed for the transformation of Cu(OH)2 to
CuO [46]. CopperII oxide can form via loss of water.
Cu(OH)2(s) → CuO(s) + H2O(g) [45]        (Eq. 2-19)
In pure water at room temperature copper hydroxide can be stable and slowly
transform into CuO, because of the lower solubility of CuO [45]. In extremely basic
solutions, in the presence of a sufficiently high concentration of hydroxide ions, the kinetics
of transformation are very fast. The CuII ions can dissolve as Cu(OH)42–. This anion can
act as a precursor for the formation of CuO. Thus, the dissolution reaction is followed by
the precipitation of CuO [3] (Eq. 2-20), which only occurs in highly basic solutions.
Cu(OH)2(s) + 2 OH–(aq) Cu(OH)42– (aq)  CuO + 2 OH–(aq) + H2O (Eq. 2-20)
Copper (II) first complexes with the hydroxide ligands, and precipitation
subsequently occurs. The morphology of the copper oxide produced is controlled by
controlling the competition between the complexation and precipitate reactions. For
example, different copper hydroxy-complexes have different microstructures; the most
important of them are shown in Figure 2-14.
Figure 2-14: SEM microphotographs of (a) antlerite, (b) brochantite, (c) posnjakite [46]
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2.5 CORROSION OF COPPER
Copper is a noble metal in that its standard potential is higher than that of the
hydrogen evolution reaction. Therefore, copper is believed to be thermodynamically
immune to corrosion in oxygen-free non-complexing environments, i.e. in pure
water [47,48]. This thermodynamic immunity against oxidation by H+ in the absence of
oxygen is the reason why many countries are considering copper as the coating material
for containers for long-term disposal of used fuel waste. There are many debates about
whether complexation of copper ions by, for instance, chloride or ammonia, or the presence
of species such as sulfate, nitrate, and sulfide that form copper salts that are more stable
than the oxide, can decrease the reversible potential for Cu dissolution to the extent that it
is below that of hydrogen evolution reaction, rendering Cu susceptible to corrosion even in
anoxic environments [49]. Furthermore, Cu will corrode in the presence of oxygen and
other oxidizing agents [4].
Pourbaix diagrams (E-pH diagram) graphically illustrate the regions of
thermodynamic stability for solids and dissolved species as a function of the solution pH
and potential [50]. The copper-water chemical system is used to study the thermodynamic
stability of different corrosion products. The parallel dotted lines in the Pourbaix diagrams
are the stability area of water at a partial pressure of gaseous species equal to 1 atm. The
upper line on the diagram represents the oxygen equilibrium line (O2(g)/H2O(l)); at potentials
above this line, water undergoes oxidation and oxygen is evolved. The lower line on the
diagram represents the hydrogen line (H+/H2(g)); at potentials below this line, water is
reduced, and hydrogen is evolved.
Pourbaix diagrams are based on thermodynamic equilibria and do not take into
account kinetic considerations. Despite these limitations, Pourbaix diagrams are a useful
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and conventional tool for identifying the immunity area (stability of the metal itself), the
corrosion area (with soluble species), and the passivity area (the oxides) [51]. The
equilibrium potentials depend on the concentration of copper cations. The E-pH diagrams
in Figure 2-15 are plotted by assuming cation concentrations of 106 and 108 M. For lower
concentrations of copper cations, there is a range of potential and pH at which Cu+ is stable.
Pourbaix diagram for the Cu-water-SO4 system at 25 C for different [Cu] is shown in
Figure 2-16.
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Figure 2-15: Pourbaix diagrams for copper at (a) Cu(aq)=10-6 M and (b) Cu(aq)=10-8 M at
25 C [52].
Figure 2-16: Pourbaix diagram for the Cu-water-SO4 system at 25 C for different
[Cu] [52].
In addition to what was mentioned above, the concentration of copper at the initial
times of corrosion is extremely low, and the equilibrium potential for copper oxidation may
also be very low and located below the potential of the hydrogen evolution reaction. This
provides a means for the oxidation of copper by water, particularly in an acidic
environment with extremely low copper concentrations [52]. Also, reaction (2-21) has been
proposed (Eq. 2-21) [50];
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2 Cu+ ⇆ Cu2+ + Cu,    Kc= aCu2+ /(aCu+)
2                    (Eq. 2-21)
The value of Kc is approximately 106 at 298 K, and thus in solutions where copper
ions are in equilibrium with metallic copper, cupric ions predominate, except for when the
[Cu+] is very low. A very dilute cuprous solution may be maintained in the presence of
anions that promote formation of either an insoluble CuI salt or a very stable CuI complex
[49].
2.5.1 Corrosion Characteristics of Copper in Aqueous Media
In this section, the literature dealing with the electrochemical corrosion
characteristics of copper in aqueous media is reviewed. The oxide film on freshly polished
copper at room temperature consists of a 2.5 nm thick layer of Cu2O. At higher
temperatures in air or water, a dual-layer oxide forms composed of Cu2O and a thin layer
of Cu(OH)2 hydroxide and CuO [53–55].
2.5.1.1 Copper Corrosion in Chloride, Sulfide and Bisulfide Solution
In the literature, considerable attention has been given to the anodic polarization
behaviour of copper in chloride solution. Two main possible reaction pathways have been
proposed for the electro-dissolution of copper. The first model involves the oxidation of
copper to Cu+, followed by a complexation reaction to form CuCl2 [56]. Other researchers
have suggested the direct formation of a cuprous chloride species (CuCl2–) from the
interaction of Cl ions with metal [57,58]. It has been proposed that further complexation
of cuprous chloride with Cl– ions may result in CuCl32 and CuCl43– as the main oxidation
products in seawater [56,57]. The formation of cuprous oxide from CuCl2– is considered to
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be a chemical precipitation reaction rather than being an electrochemical reaction [59,60]
(Eq. 2-22):
2 CuCl2 + OH Cu2O + H2O + 4 Cl (Eq. 2-22)
It has been suggested that the stability of cuprous oxide increases with solution pH
[61,62]. It has been reported that the increase in solution pH resulting from the oxygen
reduction reaction will favour the consumption of cuprous chloride complexes to form
cuprous oxide [59], and cuprous chloride may be oxidized to cupric hydroxide (Cu(OH)2),
atacamite (Cu2(OH)3Cl) or malachite (CuCO3.Cu(OH)2) in the presence of seawater
[59,63]. The irreversible oxidation of cuprous chloride to Cu2+ has been reported at higher
potentials during anodic polarization when the current density is under diffusion control
[57].
Another mechanism for the accelerated corrosion of oxide-covered Cu-Ni alloy was
proposed by Eiselstein et al. [64]. This mechanism is based on the semiconductor properties
of Cu2O. The crystal structure of Cu2O is a non-stoichiometric, highly defective p-type (or
positive carrier type) semiconductor where there is a deficiency in Cu+ ions [32,65].
According to this model, cathode and anode are separated.
At the cathode:    Oads + 2 CuCu2O  2VCu2O + 2 PCu2O + OCu2O    (Eq. 2-23) [64]
At the anode:   2 CuM + 2 VCu2O+ 2 PCu2O  2 VM + 2 CuCu2O      (Eq. 2-24) [64]
Where Oads, OCu2O, CuCu2O, CuM, VM , VCu2O , and PCu2O are oxygen adsorbed on
the Cu2O, anion in Cu2O, cation in Cu2O, Cu in base metal, Cu vacancy in base metal,
cation vacancy in Cu2O, and electron-hole in Cu2O [64], respectively. Another transport
mechanism [64] has been suggested for cases where the oxide layer is porous or imperfect.
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According to this mechanism, at the oxide/solution interface, dissolved copper cations may
deposit as Cu2O via a chemical reaction (2 Cu+ + 2 OH  Cu2O + H2O). The Cu in the
oxide film may be removed from the oxide via oxidation of CuI to CuII at the oxide/solution
interface. A Cu2O oxide layer, sometimes covered with an overlay of porous copper
hydroxy-chloride (Cu(OH)3Cl), was reported in many cases in the presence of chloride. It
has been suggested that this layer may form through the chemical reaction of Cu2+, Cl,
and OH ions. The possibility of formation of Cu(OH)3Cl over a certain exposure period is
explained with the help of an Evans diagram based on the increase in IR drop caused by
the thickening of the Cu2O oxide film. Under a large IR drop, it was proposed that the
corrosion potential will be greater than the equilibrium potential for copper oxide
formation, and oxidation will be possible [64].
Mechanism of film growth on copper in aqueous solutions containing sulfide and
chloride under voltammetric conditions were investigated by Taylor Martino et al. [66].
They suggested that corrosion of copper in sulfide starts with adsorption of SH anions, i.e.
formation of Cu(SH)ads followed by the formation of Cu2S film through one electron charge
transfer supported by proton reduction. In stagnant conditions and low SH concentrations,
the Cu2S film is only partially protective and complexation of CuI by Cl and formation of
CuCl2 will facilitate corrosion by transporting CuI out through the pores in the Cu2S
structure. They proposed three types of sulfide film on copper depending on the
concentration and the ratio of SH and Cl ions. For low [SH], film growth is controlled
by SH diffusion toward the Cu surface, leading to a non-protective film. According to this
mechanism, Cu(SH)ads must be able to diffuse from the Cu surface through the pores and
form a Cu2S deposit on the sulfide/solution interface of previously formed Cu2S. At
42
medium concentrations of SH, a dual-layer Cu2S film grows at a parabolic rate and
transport of Cu+ is rate controlling. The layer that forms at the metal/film interface via a
transport process cannot cause passivation as stress at the metal/oxide interface causes
fracture of the oxide. In the third type of layer, when [SH] and/or the rotation rate are high,
passivation occurs via the formation of a third layer which blocks the pores in the film at
the Cu/film interface. The film formed at the metal/film interface thus blocks the diffusion
of Cu+. They also reported the conversion of Cu2S to CuS. According to their work, passive
films that provide conditions permitting pitting only occur for [SH] ≥ 5.0 × 10−4 M and
then only for high SH− fluxes (proportional to the rotation rate), when depletion of SH− at
the Cu surface would be minimized, preventing formation of porous type I and II films
[66].
Guo et al. [67] examined the possibility of the formation of a passive copper sulfide
film on electrochemically polarized copper in bisulfide solutions containing chloride. They
proposed the adsorption of Cl ions and formation of CuClads at lower potentials as
predicted thermodynamically, and suggested that replacement of chloride with OH ions
through a hydrolysis reaction occurs, to form CuOHads at higher pHs as the precursor to
Cu2O. Formation of Cu2O then takes place via a dehydration process. In the presence of
SH ions, CuClx(x-1) may chemically convert to Cu2S, and Cu2O may also chemically
transform to Cu2S. They also reported that the process of film formation in the presence of
SH is partially controlled by the transport of SH− toward the Cu surface and by
competition for surface adsorption sites with Cl. Based on their mechanism, at more
positive potentials a combination of anodic dissolution as CuClx(x-1) and oxide film
formation (Cu2O and possibly CuO) may occur [67].
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Bianchi et al. [59] studied the corrosion of copper in seawater and reported three
types of corrosion. The first type is the corrosion of copper in the absence of a passive layer
in seawater. The rate of copper corrosion in seawater was determined to be 0.3 mm year1,
which corresponds to a rate of 12.4 A cm2 assuming a 1 electron transfer oxidation
reaction of copper to cuprous ions. They [59] reported that since the limiting cathodic
current of oxygen reduction reaction is 0.35 mA cm2, diffusion of oxygen towards the
metal surface is not the limiting reaction and does not control the rate of copper corrosion.
Also, as the corrosion potential of copper in seawater (-270 mVSCE) is about 200 mV above
the potential of limiting current for oxygen reduction, they identified the oxidation of
copper to Cu+ and reduction of oxygen as the anodic and cathodic reactions during
corrosion of copper. They also claimed that further oxidation of Cu+ to Cu2+ is possible due
to the oxidizing power of the excess oxygen. They suggested that there would be a flux of
OH toward the surface and CuCl2 from the surface that leads to precipitation of Cu2O
when the [OH–] reaches a value where Cu2O can be thermodynamically stable. The second
type of corrosion occurs in the presence of a protective layer. Under conditions where the
copper metal is protected with a Cu2O film, cupric species such as atacamite (Cu(OH)3Cl
or Cu(OH)2 can form as a second layer on top of the Cu2O film. Transport of CuCl2 and
OH– can be affected, and the Cu2O film will be protective.  The corrosion reactions
occurring are the direct formation of Cu2+ species combined with oxygen reduction. Under
these conditions, solid-state diffusion of Cu2+ ions through the Cu2O film will be rate
controlling [59]. Corrosion of copper by active-passive cell formation was identified as the
third type of corrosion in sea water [59]. In this case, the corrosion of copper is localized.
The small areas where the copper is dissolved are in an active state, and the large
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surrounding areas are passive. In this type of corrosion, the anode and cathode are
separated, and the rate of corrosion at the active site is reported to be 1 mm per year. A
decrease in the local pH of stagnant water inside a pit or crevice can occur, caused by
hydrolysis of copper cations, and this has been reported to be the reason for the instability
of oxide inside the pit or crevice [59]. The increase in the oxidation rate from the pit site
was explained by the increase in the driving force of oxidation reaction due to the lower
equilibrium potential for conversion of copper to cuprous chloride (than for oxide
formation) under hydrodynamic conditions [59].
2.5.1.2 Copper Corrosion in Nitrate and Nitrite Solutions
The complete NO3− reduction process (Eq. 2-25) involves different intermediate
steps (NO3− NO2− NO  NH3) [68–71], depending on the nature of the electrode
material, electrolyte pH, electrode potential, the presence of molecular or ionic additives
in the solution [68].
NO3– + 8 e– + 9 H+  3 H2O + NH3        (Eq. 2-25)
Due to the high chemical stability of both NO3− itself and a number of the reaction
intermediates, the reduction of NO3– can proceed through a sequence of multi-step electron
transfer reactions [68].
Dima et al. [69] studied nitrate reduction by measuring the Tafel slopes for
transition metals. Tafel slopes of close to or higher than 120 mV dec–1 implied that the first
electron transfer (nitrate to nitrite reaction) is the rate-determining step (Eq. 2-26).
NO3– + 2 H+ + 2 e–  NO2– + H2O (Eq. 2-26)
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The reason this step is rate-determining is that nitrate adsorption onto the surface is
effectively slow, since other anions significantly hinder it. The reduction of nitrate on Pt is
relatively slow and depends strongly on the presence of anions or hydrogen on the electrode
surface. Copper is one of the most active materials for nitrate electroreduction in aqueous
media [69].
Nitrite is an intermediate for nitrate reduction, and its stability is influenced by
solution pH. Under neutral or alkaline conditions, NO2− does not decompose in solution.
However, in acidic solutions, HNO2 is prone to decomposition and may decrease [NO2−]
via reaction (Eq. 2-27), or via disproportionation to regenerate NO3− and NO (reaction 2-
28) [72]. These chemical reactions do not directly affect the redox reactions. In acidic
solutions, chemisorbed NO2–, which is known to be very reactive on transition metal
surfaces [70,73], may also undergo further reduction to form NO, through a 2-electron
reduction reaction Eq. 2-29 [72,74]. Thus, chemical reactions affect [NO2 ads– ] and the
subsequent corrosion of copper.
2 HNO2→ NO + NO2 + H2O        (Eq. 2-27)
3 HNO2→ H+ + 2 NO + NO3− + H2O        (Eq. 2-28)
NO2¯ads→ H+ + 2 e¯→ NOads + H2O        (Eq. 2-29)
Evans et al. [72] and Duca et al. [75] claimed that the reduction of chemisorbed
NO2− to chemisorbed NO occurs by reaction of NO2−with •H as the intermediate of H+. At
the potentials where H+ reduction does not happen, NO2− reduction is not expected to occur.
Evaluation of the reaction mechanism and products of nitrate reduction on Cu (100)
and Cu (111) surfaces in alkaline and acidic solutions, using electrochemical methods
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coupled with in situ characterization techniques such as mass spectrometry, ion
chromatography and Fourier transform infrared spectroscopy was performed by Pérez-
Gallent et al. [71]. Their study showed that NO is the primary stable intermediate formed
during NO3− reduction under acidic conditions. Under alkaline conditions, NO2− remains
stable and is recognized as the primary stable intermediate. Reduction of NO2−needs a high
overpotential, and through a 4 electron charge transfer reaction, generates NH2OH(aq) as
the final product.
By evaluating the results of previous experimental research and the principal facts,
Evans et al. (1944) [72] suggested that the corrosive attack of nitric acid on copper is mainly
due to the nitrous acid formed by the reaction between copper and nitric acid. They stated
that small traces of NO2 can quickly reduce further to NO2−.The produced HNO2 can then
react with HNO3 to reproduce twice the original amount of NO2 via reaction 2-30. Through
these reactions, the amount of both NO2 and HNO2 is doubled in each reaction cycle [72]:
HNO2 + HNO3  2 NO2 + H2O            (Eq. 2-30)
Turnbull [76] studied corrosion of Cu in HNO3 using electrochemical method in
combination with surface and solution analysis techniques and proposed a mechanism to
predict the lifetime of the UFC in a DGR. The most important findings of pH measurement
and surface characterization were (i) in the absence of O2, no change in pH was observed
and very minor damage was observed on the electrode surface up to one year indicating
that HNO3 is not capable of causing significant corrosion damage; (ii) when both O2 and
HNO3 were present, a rapid general corrosion occurred and corrosion rate was primarily
controlled by O2 reduction. Full coverage of the electrode surface by oxide was reported
as the mechanism of protection of electrode from subsequent damage. Turnbull claimed
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that the variations in [O2] causes strong responses in both the corrosion potential and
polarization resistance, establishing that [O2] dictates the overall corrosion rate of copper
in HNO3 solutions.
2.5.1.3 Hydrogen Peroxide Redox Reactions
Based on the Nernst equation, the equilibrium potentials for electrochemical
reactions associated with hydrogen peroxide oxidation and reduction are plotted as a
function of [H2O2] for pH 0 [77] (Figure 2-17).
Figure 2-17: Equilibrium potentials for O2/H2O2 (red) and H2O2/H2O (green) as a
function of H2O2 concentration at 1 atm O2. For comparison, the equilibrium potential for
dissociative oxygen reduction (blue) and the equilibrium concentration for non-
electrochemical H2O2 formation/decomposition (purple) are also shown [77].
At relatively high potentials, water can be oxidized to hydrogen peroxide, (Eq. 2-
31), (above the green line in Figure 2-17). At potentials below the red line in Figure 2-17,
hydrogen peroxide can form via reduction reaction of oxygen (Eq. 2-32) [77].
H2O2 + 2 H++ 2 e–  H2O        𝐸0 = 1.763 (V)                         (Eq. 2-31)
   O2 + 2 H+ + 2 e–  H2O2           𝐸0 = 0.695 (V)                               (Eq. 2-32)
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At intermediate potentials between the red and green lines in Figure 2-17, H2O2
may decompose by electrochemical oxidation to oxygen as well as by reduction to water
[77]. This means that, if present at the surface, it can act as an oxidant or a reductant in this
potential range.
Hydrogen peroxide can also undergo decomposition. The mechanism for catalytic
decomposition of H2O2 on a surface is summarized in (Eq. 2-33) to (Eq. 2-35) [6].
H2O2(ads)  2 HO•(ads)        (Eq. 2-33)
H2O2(ads) + HO•  H2O(ads) + HO2•(ads)        (Eq. 2-34)
2 HO2•(ads)  H2O2 + O2       (Eq. 2-35)
2.5.1.4 Oxygen Reduction
The oxygen reduction reaction (ORR) on metal surfaces is a fundamental process
in electrochemistry, mainly as it may be the limiting cathodic reaction for the corrosion
process. The kinetics of oxygen reduction are also important in corrosion because they
often determine the general corrosion rate and damage evolution [78]. Numerous
mechanisms have been suggested to describe the reaction pathways for oxygen [6,80–82].
The scheme proposed by Wroblowa et al. [79] is one of the most commonly accepted
pathways for the oxygen reduction reaction. According to this reaction pathway
(Figure  2-18), molecular oxygen must adsorb at the surface and then is reduced in two
alternative pathways (i) direct 4-electron reduction without any intermediates: (Eq. 2-36)
O2 + 4 H++ 4 e– H2O     E0 = 0.985 (VSCE) (Eq. 2-36)
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(ii) Two-step 2-electron pathway involving reduction of oxygen to hydrogen peroxide,
which is considered to be an intermediate, followed by the further reduction of hydrogen
peroxide to water.
Figure 2-18: Oxygen reduction reaction (ORR) pathways: Reaction (1) four-electron
direct reduction to water (or OH–); (2) two-electron reduction to H2O2 (or HO2–);
(3) electrochemical reduction of H2O2 to water (or OH–); (4) catalytic decomposition of
H2O2 (or HO2–) yielding reducible product (O2); (5) desorption of adsorbed H2O2 (or
HO2–); (6) adsorption of H2O2 (or HO2–). Indices *, and b designate the adsorbed species,
vicinity of the disc electrode, and bulk [6].
By studying the diffusion-limited current density of oxygen reduction on copper in
naturally aerated 0.1 M NaSO4, Vukmirovic et al. [78] found that the diffusion-limited
cathodic current density of oxygen reduction at the Cu and Pt surface is independent of
solution pH, and the diffusion-limited current densities measured on Cu and Pt as a function
of the square root of the disk rotation rate are linear [78]. Based on these results they
concluded that a four-electron oxygen reduction mechanism takes place on copper in
naturally aerated 0.1 M Na2SO4 solution.
Zhang et al. [82] studied the electrochemical reduction of oxygen on copper by
using the tip generation/substrate collection technique with a scanning electrochemical
microscope in near neutral and alkaline NaClO4 solutions. They found the onset of the
oxygen reduction potential on a Pt surface at pH 6.8 to be at 0.25 VSHE, and the ORR to be
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under diffusion control in potentials ranging from 0.1 VSHE to −0.6 VSHE. At pH 6.8, they
determined the oxidation and reduction potentials of hydrogen peroxide to be about 0.55
and 0.32 VNHE, respectively. These potentials shift to 0.3 VNHE and 0.1 VNHE for pH 11.3.
The kinetics and mechanism of oxygen reduction on aluminium-zinc, and zinc–
aluminum alloy galvanized coatings in weakly alkaline (pH 9.6) aqueous 0.86 mol dm-3
sodium chloride were investigated by Dafydd et al. using a rotating disk electrode
technique [83].  They concluded that aluminium is effectively inert as an O2 cathode.  They
observed two diffusion controlled current plateaus for zinc and zinc-aluminum, and from
the Levich–Koutecky equation, they determined that a 2 electron process was occurring at
a potential of -0.86 VSHE and a 4 electron reaction at -1.06 VSHE.
2.5.2 Corrosion Rate of Copper
Using the corrected Tafel slope after removing the mass transport contribution,
Ghandehari et al. [84] determined the corrosion rate of copper to be 0.1 to 0.2 mA cm–2 in
O2-saturated 2 M H2SO4. The corrosion rates determined under comparable conditions
using the weight loss method over 30-60 h, were approximately 1 mA cm–2 which is 10
times greater than that estimated using the Tafel method. Therefore, they stated for the
tested system, Tafel curves obtained away from the corrosion potential cannot be
extrapolated to obtain the corrosion rate. This suggests that such extrapolations for other
systems involving O2 reduction may also be invalid.
Feng et al. [85] measured the corrosion rate of copper using two methods: weight-
loss and potentiodynamic polarization, in simulated tap water at different pHs (by adjusting
pH using either sulphuric acid or sodium hydroxide). From the weight-loss measurements,
they obtained comparable corrosion rates to the electrochemical experiments. They
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attributed the corrosion rates at each pH to the diffusion of copper ions through the oxide
which forms at that specific pH. The corrosion rate measured using the weight loss method
was the average dissolution rate for the first 24 h of immersion [85]. The majority of the
dissolution at medium pHs occurs during the first minutes of immersion. Thus, the
corrosion rate at medium pHs where the solubility is limited is expected to be much smaller,
while it is comparable with the immersion results.
HF-containing solutions are used for cleaning in semiconductor applications. The
corrosion rates of copper thin films immersed in cleaning solution after 10 min in deaerated
and non-deaerated experiments were 4.8 nm Cu/h and 12 nm Cu/h, respectively [86]. The
presence of hydrogen peroxide resulted in a very low cathodic current in the polarization
curve relative to under other conditions [86]. Their mechanism proposed for copper
dissolution in HF solution was as follows: (step i) the multi-step oxidation of copper and
chemical complexation with fluoride and formation of Cu2F2 followed by
disproportionation of Cu2F2 to Cu and CuF2; (step ii) oxidation of copper by oxygen and
formation of H2Cu2F2; step (iii) the adsorption of oxygen and a second disproportionation
process leading to formation of CuF2 and Cu0 [87].
Halpern [88] studied the kinetics of the dissolution of copper in aqueous ammonia.
The Cu coupons were immersed in NH3 solution and the effect of surface area of Cu,
solution volume, and [O2] and [NH3] on the rate and behaviour of copper dissolution was
studied. The rate estimated from the linear trend of [Cu] vs. time over 6 h immersion is
listed in Table 2-1. By measuring the dissolution rate in different [NH3] at different O2
pressures, they discovered that at low oxygen pressures, the rate of Cu oxidation was
determined by the rate of transport of dissolved oxygen toward the surface. For high
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oxygen pressures, the dissolution of copper is independent of the concentration of oxygen
and the rate of dissolution becomes controlled by the chemical reactions at the surface. An
interesting result is that there was a minimum oxygen pressure at which the maximum
dissolution was reached. This minimum [O2] depended on [NH3].
In the low oxygen pressure region, the dissolution rate increased significantly with
stirring velocity, characteristic of diffusion - or transport-controlled reactions, whereas at
higher oxygen pressures there was no practical dependence of the dissolution rate on
stirring velocity. The variation of the rate with [H+] was also studied at constant [NH3] and
a linear trend of increase in [Cudis] with increase in [H+] was found [88]. However, since
there was a linear dependence of the rate on [NH4+], the linear dependence of [Cudis] on
[H+] proves that the rate of dissolution increased linearly with the concentration of NH4+,
but did not depend directly on [H+]. Some further support was provided for the assertion
that the reaction is not catalyzed by dissolved cupric salts. One mechanism proposed
involved copper dissolving initially as a cuprous complex ion, i.e. activated complex such
as Cu(NH3)2+, which was subsequently oxidized homogeneously in the solution to the
cupric state. It was also hypothesized that the cupric state may occur at the surface, in which
case the copper would dissolve in the first instance as a cupric ion [88].
Benjamin et al. [89] studied the dissolution rate of polycrystalline copper in
sulphuric acid solutions as a function of oxygen pressure, temperature, rotation speed, [H+],
surface area, and solution volume. They found a linear trend of [Cu]0.5 as a function of time
for the dissolution of Cu in 50 mM H2SO4 at room temperature. This linear trend was the
same for different rotation rates. All these experiments were done with rotating electrodes,
and the rate of dissolution of copper from the surface to the solution was assumed not to
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be rate-controlling. They also showed that in sulfuric acid, the dissolution rate is not
pH-dependent at pHs above 1, and at lower pHs, the dissolution rate linearly increased with
pH [89].
Masoiwai [90] studied the kinetics of dissolution of copper in 0.1-3 mol/dm3 HCl
with and without 0.01 mol/dm3 CuCl2 addition at oxygen partial pressures ranging from 20
to 100 kPa, and temperatures of 318 to 328 K. The dissolution rate of copper exhibited first
order kinetics with respect to [CuCl2] when the concentration of CuCl2 was above 0.01
mol/dm3. Their findings also suggest that a minimum cupric ion concentration (a critical
concentration) is required to make the dissolution reaction obey a first order rate law with
respect to [CuII]. The dissolution rate was also affected by the activity of chloride ions, and
showed Langmuir-type dependency. However, H+ ion concentration and oxygen partial
pressure had little effect on the dissolution rate under the experimental conditions of this
work. These experiments were also not performed under stagnant conditions. The corrosion
rates reported in the references reviewed in this chapter are listed in Table 2-1.
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b HF solution: 93 wt. % ethylene glycol, 4 wt.% ammonium fluoride, 0.033 wt. % HF, and
3 wt.% water, and the pH of 6.8
c Oxygen pressure above which the oxidation rate is independent of stirring rate
2.5.3 Corrosion of Copper under-Radiation
Studies on copper corrosion induced by -radiation are limited. In many of these
experiments the rates are not given, or if they are, no rates for unirradiated conditions are
measured or reported, making it difficult to assess the impact of radiation. Also, since the
experimental conditions for these studies are very different, the results are not consistent.
Thus, it is not possible to find any consistent mechanistic explanations of the effect of -
radiation.
Walton [91] mathematically modelled the corrosion of high-level nuclear waste
copper containers at high temperatures. The simulation results presented showed that the
initial corrosion rate would be approximately 1.14 nm/h and decay with time reaching a
steady state of 0.11 nm/h after 20 years. The total corrosion current assumed to result from
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a combination of the effect of sulfur, oxygen and radiolysis products, with the former
dropping faster than the latter. They suggested that once the oxygen and radiolysis products
have declined, the corrosion will be dominated by sulfur.
At a dose rate of 120 to 62 Gy/h and in an anoxic environment at a solution pH of
7, Bjorkbacka et al. [92] studied circular-shaped, frequently observed corrosion features.
They attributed the appearance of these locally occurring corrosion features to probable
anodic reactions taking place in the circular cantres of the corrosion features combined
with cathodic reactions taking place in the surrounding ring-shaped areas. Also, they
observed greater dissolution under irradiated conditions than under non-irradiated
conditions.
Glass et al. (1985) observed a positive shift of 100 mV in the corrosion potential of
copper in groundwater at a dose rate of 30 kGy/h at 30 °C. They replicated this immediate
shift and subsequent decay in ECORR by chemically adding peroxide, and claimed that the
increase in 𝐸𝑐𝑜𝑟𝑟 can be attributed to radiolytically-produced H2O2 and •OH. King and
Litke (1987) measured the 𝐸𝑐𝑜𝑟𝑟 in deaerated groundwater at dose rate of 27 Gy/h, but did
not see positive shift in corrosion potential caused by irradiation, as observed by Glass et
al (1985) at similar dose rate. [93].
King et al. (1989) [94] examined the surface films formed under aerated conditions
and found them to be adherent. In the presence of radiation, in deaerated solutions, a
coherent thin protective film of Cu2O film was formed. They explained the formation of a
more coherent, protective film in the presence of radiation than in its absence by a photo-
induced film growth mechanism. Kass [94] reported a minimal effect of radiation for a
dose rate of 1 kGy/h. Simpson [95] observed the suppression of the corrosion rate at much
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lower dose rates. They suggested the greater reactivity of the reducing radiolysis products
(•eaq –, •H, H2) than the oxidizing products as a possible reason for the suppression of the
corrosion rate.
King [94] claimed that the nature of the film formation process plays a key role in
affecting the rate of corrosion and explained the effect of the gamma radiation dose rate.
They stated that oxide formation on Cu occurs in two distinct potential regions, resulting
in the formation of Cu2O at low potentials before an over-layer of CuO is formed at higher
potentials. For environments that do not stabilize Cu2+ in solution, this dual layer oxide is
generally protective. With exposure to high doses of gamma radiation, the formation of
H2O2 can shift the 𝐸𝑐𝑜𝑟𝑟  to sufficiently high values to allow the oxidation of CuI oxide to
solution Cu2+. Thus, radiation will destroy the protective oxide. In these conditions, the re-
precipitation of CuII salts may occur for sufficiently rapid corrosion rates, especially in
limited water volumes. However, at lower dose rates, the 𝐸𝑐𝑜𝑟𝑟 is not sufficiently elevated
to allow production of Cu2+ and destruction of the cuprous oxide layer. It was also
suggested that the protectiveness of the Cu2O film is possibly maintained via improved
growth of less defective films, and repair of potential breakdown sites by the photo-induced
formation of electron hole pairs. By inhibiting the formation of CuII oxide, the breakdown
of the Cu2O layer and the formation of CuII corrosion product deposits are limited in the
presence of low doses of -radiation.
More recently, the effect of the total gamma dose (in a range of 80 to 770 Gy/h) on
the radiation-induced corrosion of copper in anoxic pure water was studied experimentally
by Björkbacka et al. [96]. They immersed copper coupons with 0.1 cm2 exposed surface in
pure deaerated water. They reported that the dissolution of copper from the unirradiated
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reference samples was within the range of solubility of cuprous and cupric ions, i.e. 3 and
30 M at pH 5.5. They studied the dissolution of copper after the exposure to the total
doses of 37 kGy and observed that after exposure to 48 h at 770 Gy/h and 460 h at 80 Gy/h
0.85 and 0.55 mM copper were dissolved, respectively. They evaluated the effect of total
dose, which is the product of time and dose rate, and makes it difficult to draw meaningful
conclusions from the results, as kinetic considerations are critical in copper corrosion
processes, and are determined by dose rate, not total dose. They also performed immersion
tests in the absence of radiation in 50 ml of 2.5 mM hydrogen peroxide and observed a
dissolution rate of copper 15 times higher than that observed in water. The surfaces of the
coupons corroded under radiation showed concentric rings and blue precipitate, while the
surface of the sample with no radiation applied and higher [H2O2] was rather uniformly
corroded. A small surface area to solution volume ratio was chosen to enable them to
calculate the concentrations of radiolytically produced species products as a function of
time by applying numerical simulations of the homogeneous radiation chemistry of water
[96]. In their simulation, they used the diffusion-controlled rate constant 10–6 m/s for the
unknown rate constant and considered H2O2 and •OH to be the primary oxidants. The
simulation results predicted about 100 times lower dissolution of copper during radiation
than was actually observed, which was explained by possible oxide formation and a
postulate low rate constant value for reduction reactions. The formation of concentric rings
under irradiation was explained by the separation of cathodic and anodic reactions at the
surface catalyzed by electron/hole formation induced by UV-light [96].
58
2.6 REFERENCES
[1] K. Chen, D. Xue, Reaction Route to the Crystallization of Copper Oxides, Appl. Sci.
Converg. Technol. 23 (2014) 14–26.
[2] M.B. Gawande, A. Goswami, F.X. Felpin, T. Asefa, X. Huang, R. Silva, X. Zou, R.
Zboril, R.S. Varma, Cu and Cu-Based Nanoparticles: Synthesis and Applications in
Catalysis, Chem. Rev. 116 (2016) 3722–3811.
[3] R. Konečná, S. Fintová, Copper Alloys Early Applications and Current Performance
- Enhancing Process, InTech (2012).
[4] H.W. Richardson, Handbook of Copper Compounds and Applications, 1st ed.,
Taylor & Francis, 1997.
[5] F. King, Status of the Understanding of Used Fuel Container Corrosion Processes-
Summary of Current Knowledge and Gap Analysis (Report No. TR-2007-09).
Toronto, Canada: Nuclear Waste, 2007, can be found under
https://www.nwmo.ca/en/Reports
[6] A.J. Bard, L.R. Faulkner, Electrochemical Methods: Fundamentals and
Applications, Wiley, 2nd ed., 50 (2003).
[7] A. Moen, D.G. Nicholson, Reduction of Copper(II) with Subsequent
Disproportionation of Copper(I) During the Hydrothermal Syntheses of
Microporous Silicoaluminium Phosphates SAPO-5 and -11, J. Chem. Soc. Faraday
Trans. 91 (1995) 3529–3535.
[8] M. Gobien, M. Ion, Nuclear Fuel Waste Projections in Canada – 2020 Update,
NWMO-TR-2020-06, October, 2020, can be found under
https://www.nwmo.ca/en/Reports
[9] M. Gobien, M. Ion, Nuclear Fuel Waste Projections in Canada–2019 Update.
Technical Report NWMO-TR-2019-14, Nuclear Waste Management Organization,
2019, can be found under https://www.nwmo.ca/en/Reports
[10] NWMO Triennial Report 2011 to 2013 | The Nuclear Waste Management
Organization (NWMO), can be found under https://www.nwmo.ca/en/More-
information/News-and-Activities/2015/11/09/08/48/NWMO-Triennial-Report-
2011-to-2013
[11] D.S. Hall, P.G. Keech, An overview of the Canadian corrosion program for the long-
term management of nuclear waste, Corros. Eng. Sci. Technol. 52 (2017) 2–5.
[12] Design, Production and Initial State of the Canister. Technical Report SKB-TR-10-
14, Svensk K¨arnbr¨anslehantering AB, 2010, 1999.
[13] M. Gobien, F. Garisto, E. Kremer, C. Medri, Seventh Case Study: Reference Data
and Codes. Technical Report NWMO-TR-2018-10, Nuclear Waste Management
Organization, 2018.
59
[14] D.W. Shoesmith, CHAPTER 11: Chemistry/Electrochemistry Of Spent Nuclear




[15] Nuclear Waste Management Organization, “Multiple-Barrier System,” can be found
under: https://www.nwmo.ca/en/A-safe-approach/Facilities/Deep-Geological-
Repository/Multiple-Barrier-System, (2015).
[16] F. King, D.S. Hall, P.G. Keech, Nature of the near-field environment in a deep
geological repository and the implications for the corrosion behaviour of the
container, Corros. Eng. Sci. Technol. 52 (2017) 25–30.
[17] H.R. Müller, B. Garitte, T. Vogt, S. Köhler, T. Sakaki, H. Weber, T. Spillmann, M.
Hertrich, J.K. Becker, N. Giroud, V. Cloet, N. Diomidis, T. Vietor, Implementation
of the full-scale emplacement (FE) experiment at the Mont Terri rock laboratory,
Swiss J. Geosci. 110 (2017) 287–306.
[18] J.M. Joseph, B.S. Choi, P. Yakabuskie, J.C. Wren, A combined experimental and
model analysis on the effect of pH and O2(aq) on γ-radiolytically produced H2 and
H2O2, Radiat. Phys. Chem. 77 (2008) 1009–1020.
[19] P.A. Yakabuskie, J.M. Joseph, J. Clara Wren, The effect of interfacial mass transfer
on steady-state water radiolysis, Radiat. Phys. Chem. 79 (2010) 777–785.
[20] R.P. Morco, J.M. Joseph, D.S. Hall, C. Medri, D.W. Shoesmith, J.C. Wren,
Modelling of radiolytic production of HNO3 relevant to corrosion of a used fuel
container in deep geologic repository environments, Corros. Eng. Sci. Technol. 52
(2017) 141–147.
[21] K. Daub, X. Zhang, J.J. Noël, J.C. Wren, Gamma Radiation-Induced Carbon Steel
Corrosion, Electrochem. Soc. 33 (2011).
[22] J.C. Wren, Steady-state radiolysis: Effects of dissolved additives, in: ACS Symp.
Ser., American Chemical Society, 2010: pp. 271–295.
[23] J.W.T. Spinks, R.J. Woods, An Introduction to Radiation Chemistry, Third Edition,
John-Wiley and Sons, Inc., New York, Toronto, Berichte Der Bunsengesellschaft
Für Phys. Chemie. 95 (1990) 451–451.
[24] J.H. O’Donnell, D.F. Sangster, Principles of Radiation Chemistry, American
Elsevier Publishing Co. New York, 1970.
[25] Farhataaziz, M.A.J. Rodgers, Radiation Chemistry.Principles and Applications.
VCH Publishers, Inc.Weinheim, 1987.
[26] M. Momeni, J.C. Wren, A mechanistic model for oxide growth and dissolution
during corrosion of Cr-containing alloys, Faraday Discuss. 180 (2015) 113–135.
60
[27] J.D. Cuppett, S.E. Duncan, A.M. Dietrich, Evaluation of copper speciation and water
quality factors that affect aqueous copper tasting response, Chem. Senses. 31 (2006)
689–697.
 [28] A.I. Demidov, Thermodynamics of patina formation, Russ. J. Appl. Chem. 80
(2007) 553–556.
[29] K.J. Powell, P.L. Brown, R.H. Byrne, T. Gajda, G. Hefter, S. Sjöberg, H. Wanner,
Chemical speciation of environmentally significant metals with inorganic ligands
Part 2: The Cu2+-OH-, Cl-, CO32-, SO42-, and PO43- systems (IUPAC Technical
Report), Pure Appl. Chem. 79 (2007) 895–950.
[30] D. Marani, J.W. Patterson, P.R. Anderson, Alkaline precipitation and aging of Cu(II)
in the presence of sulfate, Water Res. 29 (1995) 1317–1326.
[31] D.A. Palmer, P. Bénézeth, Solubility of Copper Oxides in Water and Steam
Solubility, 14th International Conference on the Properties of Water and Steam in
Kyoto (2008).
[32] C. Gattinoni, A. Michaelides, Atomistic details of oxide surfaces and surface
oxidation: the example of copper and its oxides, Surf. Sci. Rep. 70 (2015) 424–447.
[33] K. Chen, C. Sun, S. Song, D. Xue, Polymorphic crystallization of Cu2O compound,
CrystEngComm. 16 (2014) 5257–5267.
[34] D.A. Scott, Copper Compounds in Metals and Colorants: Oxides and Hydroxides,
Stud. Conserv. 42 (1997) 93.
[35] H.R. Oswald, A. Reller, H.W. Schmalle, E. Dubler, Structure of copper(II)
hydroxide, Cu(OH)2, Acta Crystallogr. Sect. C Cryst. Struct. Commun. 46 (1990)
2279–2284.
[36] I.D. Macleod, Identification of corrosion products on non-ferrous metal artifacts
recovered from shipwrecks, Stud. Conserv. 36 (1991) 222–234.
[37] S. Yagi, Potential-pH Diagrams for Oxidation-State Control of Nanoparticles
Synthesized via Chemical Reduction, in: Thermodyn.-Phys. Chem. Aqueous Syst.,
InTech, 2011.
[38] S. Arshadi-Rastabi, J. Moghaddam, M. Reza Eskandarian, Synthesis,
characterization and stability of Cu2O nanoparticles produced via supersaturation
method considering operational parameters effect, J. Ind. Eng. Chem. 22 (2015) 34–
40.
[39] T. Sugimoto, Underlying mechanisms in size control of uniform nanoparticles, J.
Colloid Interface Sci. 309 (2007) 106–118.
[40] M. MateusFerreraGuilherme, S.L. FabrisbBruno, V. FariabJoão, B.L.
deMartinscMário, L.MoreiraaJulio, R. Sambrano, Quantitative evaluation of the
61
surface stability and morphological changes of Cu2O particles, Heliyon, 5 (2019)
e2500.
[41] S. Yang, Q. Liu, Formation mechanism of apex-truncated octahedral Cu2O
microcrystal, CrystEngComm. 18 (2016) 8229–8236.
[42] N.T.K. Thanh, N. Maclean, S. Mahiddine, Mechanisms of nucleation and growth of
nanoparticles in solution, Chem. Rev. 114 (2014) 7610–7630.
[43] A.M. Jean, Evolution of Cu2O Morphology During Copper Corrosion in the
Presence of Gamma-Radiation, MSc Thesis, The University of Western Ontario,
London, ON, 2017.
[44] K.S. Choi, Shape control of inorganic materials via electrodeposition, J. Chem. Soc.
Dalt. Trans. (2008) 5432–5438.
[45] Y. Cudennec, A. Lecerf, The transformation of Cu(OH)2 into CuO, revisited, Solid
State Sci. 5 (2003) 1471–1474.
[46] A.H. Zittlau, Q. Shi, J. Boerio-Goates, B.F. Woodfield, J. Majzlan,
Thermodynamics of the basic copper sulfates antlerite, posnjakite, and brochantite,
Chemie Der Erde. 73 (2013) 39–50.
[47] D. Landolt, A. Davenport, J. Payer and D. Shoesmith, A Review of Materials and
Corrosion Issues Regarding Canisters for Disposal of Spent Fuel and High-level
Waste in Opalinus Clay. NAGRA Technical Report 09-02, 2009.
[48] Landolt-Börnstein, New Series, Group IV: Physical Chemistry Vol. 9A, Electrical
Properties. Electrochemistry and Electrochemical Thermodynamics and Kinetics.
Part: Electrode potentials. Springer- Verlag Berlin Heidelberg 2007.
[49] L.L. Shreir, R.A. Cottis, Shreir’s corrosion. Volume 3, Corrosion and degradation
of engineering materials, Elsevier Science,  4th ed., 2010.
[50] F. King, Critical review of the literature on the corrosion of copper by water,
echnical Report, Integriry Corrosion Consulting Limited, TR-10-69, 2009.
[51] D. Guo, Corrosion Dynamics of Carbon Steel in Used Fuel Container Environments,
PhD thesis, The University of Western Ontario, London, ON, 2018.
[52] B. Beverskoga, I. Puigdomenechb, Revised Pourbaix Diagrams for Copper at 25 to
300°C, J. Electrochem. Soc., 144 (1997) 3476.
[53] D.D. Macdonald, Cyclic Voltammetry of Copper Metal in Lithium Hydroxide
Solution at Elevated Temperatures, J. Electrochem. Soc. 121 (1974) 651.
[54] H.A. Miley, Copper Oxide Films, J. Am. Chem. Soc. 59 (1937) 2626–2629.
[55] B. Miller, Split-Ring Disk Study of the Anodic Processes at a Copper Electrode in
62
Alkaline Solution, J. Electrochem. Soc. 116 (1969) 1675.
[56] M. Braun, Electrodissolution Kinetics of Copper in Acidic Chloride Solutions, J.
Electrochem. Soc. 126 (1979) 1666.
[57] H.P. Lee, Kinetics and Mechanisms of Cu Electrodissolution in Chloride Media, J.
Electrochem. Soc. 133 (1986) 2035.
[58] H.P. Lee, Film Formation and Current Oscillations in the Electrodissolution of Cu
in Acidic Chloride Media, J. Electrochem. Soc. 132 (1985) 1031-1037.
[59] G. Bianchi, G. Fiori, P. Longhi, F. Mazza, ″Horse Shoe″ Corrosion Of Copper
Alloys In Flowing Sea Water: Mechanism, And Possibility Of Cathodic Protection
Of Condenser Tubes In Power Stations, Corrosion. 34 (1978) 396–406.
[60] F. King, TR-0225 Corrosion of copper in alkaline chloride environments,Integrity
Corrosion Consulting Ltd, (2002), can be found under
https://inis.iaea.org/search/search.aspx?orig_q=RN:33064747
[61] G. Bianchi, P. Longhi, Copper in sea-water, potential-pH diagrams, Corros. Sci. 13
(1973) 853–864.
[62] M. Whitfield, D. Jagner, and D. Jagner [Eds.], Marine electrochemistry: a practical
introduction, John Wiley and Sons, Somerset, N.J. 529, 1981.
[63] M. Moniruzzaman, M.M.A. Bepari, M.M. Haque, S.A. Limon, Corrosion of
Galvanized Steel and Copper in Aqueous Environments, J. Mech. Eng. 43 (2014)
61–67.
[64] L.E. Eiselstein, B.C. Syrett, S.S. Wing, R.D. Caligiuri, The accelerated corrosion of
CuNi alloys in sulphide-polluted seawater: Mechanism no. 2, Corros. Sci. 23 (1983)
223–239.
[65] J. Ghijsen, L.H. Tjeng, J. Van Elp, H. Eskes, J. Westerink, G.A. Sawatzky, M.T.
Czyzyk, Electronic structure of Cu2O and CuO, Phys. Rev. B. 38 (1988) 11322–
11330.
[66] T. Martino, R. Partovi-Nia, J. Chen, Z. Qin, D.W. Shoesmith, Mechanisms of Film
Growth on Copper in Aqueous Solutions Containing Sulphide and Chloride under
Voltammetric Conditions, Electrochim. Acta. 127 (2014) 439–447.
[67] M. Guo, J. Chen, T. Martino, M. Biesinger, J.J. Noël, D.W. Shoesmith, The
Susceptibility of Copper to Pitting Corrosion in Borate-Buffered Aqueous Solutions
Containing Chloride and Sulfide, J. Electrochem. Soc. 166 (2019) C550–C558.
[68] S.E. Bae, K.L. Stewart, A.A. Gewirth, Nitrate adsorption and reduction on Cu(100)
in acidic solution, J. Am. Chem. Soc. 129 (2007) 10171–10180.
[69] G.E. Dima, A.C.A. De Vooys, M.T.M. Koper, Electrocatalytic reduction of nitrate
at low concentration on coinage and transition-metal electrodes in acid solutions, J.
63
Electroanal. Chem. 554–555 (2003) 15–23.
[70] A.C.A. De Vooys, M.T.M. Koper, R.A. Van Santen, J.A.R. Van Veen, Mechanistic
study on the electrocatalytic reduction of nitric oxide on transition-metal electrodes,
J. Catal. 202 (2001) 387–394.
[71] E. Pérez-Gallent, M.C. Figueiredo, I. Katsounaros, M.T.M. Koper, Electrocatalytic
reduction of Nitrate on Copper single crystals in acidic and alkaline solutions.,
Electrochim. Acta. 227 (2017) 77–84.
[72] U.R. Evans, Behaviour of metals in nitric acid, Trans. Faraday Soc. 40 (1944) 120–
130.
[73] V. Climent, A. Rodes, J.M. Orts, J.M. Feliu, J.M. Pérez, A. Aldaz, On the
electrochemical and in-situ Fourier transform infrared spectroscopy characterization
of urea adlayers at Pt(100) electrodes, Langmuir. 13 (1997) 2380–2389.
[74] V. Rosca, M. Duca, M.T. DeGroot, M.T.M. Koper, Nitrogen Cycle Electrocatalysis,
Chem. Rev. 109 (2009) 2209–2244.
[75] M. Duca, V. Kavvadia, P. Rodriguez, S.C.S. Lai, T. Hoogenboom, M.T.M. Koper,
New insights into the mechanism of nitrite reduction on a platinum electrode, J.
Electroanal. Chem. 649 (2010) 59–68.
[76] J. Turnbull, The Influence of Radiolytically Produced Nitric Acid on the Corrosion
Resistance of Copper-Coated Used Nuclear Fuel Containers, PhD thesis, The
University of Western Ontario, London, ON, 2020.
[77] I. Katsounaros, W.B. Schneider, J.C. Meier, U. Benedikt, P.U. Biedermann, A.A.
Auer, K.J.J. Mayrhofer, Hydrogen peroxide electrochemistry on platinum: Towards
understanding the oxygen reduction reaction mechanism, Phys. Chem. Chem. Phys.
14 (2012) 7384–7391.
[78] M.B. Vukmirovic, N. Vasiljevic, N. Dimitrov, K. Sieradzki, Diffusion-Limited
Current Density of Oxygen Reduction on Copper, J. Electrochem. Soc. 150 (2003)
B10.
[79] H.S. Wroblowa, Yen-Chi-Pan, G. Razumney, Electroreduction of oxygen. A new
mechanistic criterion, J. Electroanal. Chem. 69 (1976) 195–201.
[80] K.L. Hsueh, D.T. Chin, S. Srinivasan, Electrode kinetics of oxygen reduction. A
theoretical and experimental analysis of the rotating ring-disc electrode method, J.
Electroanal. Chem. 153 (1983) 79–95.
[81] E.S. Brandt, Electrochemistry of oxygen and hydrogen peroxide at clean and at
halide-covered polycrystalline silver, J. Electroanal. Chem. 150 (1983) 97–109.
[82] Q. Zhang, P. Liu, Z. Zhu, J. Zhang, F. Cao, The study of the H2O2 during oxygen
reduction process on typically corroding metal surface using tip generation-substrate
collection mode of SECM, Corros. Sci. 164 (2020) 108312.
64
[83] H. Dafydd, D.A. Worsley, H.N. McMurray, The kinetics and mechanism of cathodic
oxygen reduction on zinc and zinc-aluminium alloy galvanized coatings, Corros.
Sci. 47 (2005) 3006–3018.
[84] M.H. Ghandehari, T.N. Andersen, H. Eyring, The electrochemical reduction of
oxygen on copper in dilute sulphuric acid solutions, Corros. Sci. 16 (1976) 123–135.
[85] Y. Feng, K.S. Siow, W.K. Teo, K.L. Tan, A.K. Hsieh, Corrosion Mechanisms and
Products of Copper in Aqueous Solutions at Various pH Values, Corrosion. 53
(1997) 389–398.
[86] N.G. Mistkawi, M.A. Hussein, M. Ziomek-Moroz, S.B. Rananavare, Corrosion
Behavior of Copper Thin Films in Organic HF-Containing Cleaning Solution for
Semiconductor Applications, J. Electrochem. Soc. 157 (2010) C24.
[87] N.G. Mistkawi, M.A. Hussein, M. Ziomek-Moroz, S.B. Rananavare, Copper thin-
film dissolution/precipitation kinetics in organic HF containing cleaning solution, J.
Electrochem. Soc. 157 (2010) H801.
[88] J. Halpern, Kinetics of the Dissolution of Copper in Aqueous Ammonia, J.
Electrochem. Soc. 100 (1953) 421–428.
[89] C. Wei, G. Wu, S. Yang, Q. Liu, Electrochemical deposition of layered copper thin
films based on the diffusion limited aggregation, Sci. Rep. 6 (2016).
[90] M. Iwai, H. Majima, Y. Awakura, Dissolution of copper in hydrochloric acid
solutions with dissolved molecular oxygen, Hydrometallurgy. 20 (1988) 87–95.
[91] D. Tromans, J.C. Silva, Behavior of Copper in Acidic Sulfate Solution: Comparison
with Acidic Chloride, Corros. 53 (1997) 171–178.
[92] Å. Björkbacka, S. Hosseinpour, C. Leygraf, M. Jonsson, Radiation induced
corrosion of copper in anoxic aqueous solution, Electrochem. Solid-State Lett. 15
(2012) C5.
[93] R.S. Glass, R.A. Van Konynenburg, G.E. Overturf, Corrosion processes of
austenitic stainless steels and copper-based materials in gamma-irradiated aqueous
environments, Corrosion, (1985)
[94] The effects of gamma radiation on the corrosion of candidate materials for the
fabrication of nuclear waste packages (Technical Report) | ETDEWEB, (1999).
[95] J.P. Simpson, Experiments on container materials for Swiss high-level waste
disposal projects, Sulzer Bros. Ltd., Winterthur, Report number: NAGRA-NTB—
84-01, Part 2, (1984).
[96] Å. Björkbacka, S. Hosseinpour, M. Johnson, C. Leygraf, M. Jonsson, Radiation





The experimental techniques used in this thesis are reviewed in this chapter. The
principles of the surface analysis, solution analysis, and electrochemical methods
employed are described. More detailed information about the experimental procedures
used in each chapter can be found in the experimental sections of the respective chapters.
3.1 SURFACE ANALYSIS TECHNIQUES
In this thesis, a combination of microscopic (optical microscopy and scanning
electron microscopy) and spectroscopic techniques (Raman Spectroscopy and XPS) was
used to study the morphology and composition of oxides formed on the corroded copper
surface.
3.1.1 Optical Microscopy
Optical microscopy provides information about the topography and morphology of
a surface. In this project, a Leica DVM6A digital optical microscope (see Figure 3-1) was
used for obtaining optical images of the corroded Cu surface. One advantage of a digital
microscope (as opposed to one with an analogue eyepiece) is that the captured image can
be displayed and zoomed on a computer monitor, making the surface analysis easier and
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more time efficient. Also, compared to SEM images that contain no colour information,
the different colours in the optical images often correlate well with the composition of the
metal oxide or hydroxide and the average density and size of metal oxide particles on the
surface [1].
Figure 3-1: The Leica DVM6A digital microscope used for obtaining optical images.
3.1.2 Scanning Electron Microscopy (SEM)
In this thesis, SEM technique was used to analyse the morphology of oxides formed
on corroded copper surfaces. The schematics of a standard SEM instrumental arrangement,
and a dual-beam FIB and SEM arrangement, are shown in Figure 3-2. The SEM instrument
generates a beam of electrons in an electron column above the sample chamber. Using a
series of electromagnetic lenses, the electron beam (which can contain electrons with
energies from 100 eV to 30 keV) is focused. The secondary electron (SE) mode permits
high-resolution imaging of the surface morphology [2]. Inelastic electron scattering results
in the emission of low-energy electrons from the top layer of the surface. This local
variation in electron intensity creates the image contrast that reveals the surface
morphology. The backscattered electron mode (BE) provides image contrast, which
corresponds to the elemental composition. The BE mode can also be used to analyse the
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topography. Backscattered electrons are created by elastic interactions between the sample
and the incident electron beam. These high-energy electrons can escape from greater
thicknesses than secondary electrons, so the surface topography is not as well resolved as
for the SE imaging mode. The production efficiency for BE is proportional to the average
atomic number, which results in image contrast as a function of composition, i.e., higher
atomic number materials appear brighter than low atomic number materials in a
backscattered electron image [3].
EDS analysis, also called energy dispersive X-ray analysis (EDX), is a technique
used in combination with SEM and enables the quantitative identification of the constituent
elements. EDS can also provide an elemental map of the sample. The emitted X-rays permit
the identification of the elements present as each element has a characteristic X-ray
emission spectrum induced by the electron beam [4].
3.1.3 Focused Ion Beam (FIB) Milling
Focused Ion Beam (FIB) systems have various applications such as ion
implantation and/or deposition and milling. In conjunction with SEM, FIB milling was
used in this project to obtain cross-sections of polished and corroded coupons. Studying
the coupon cross-sections provides insight into the metal and oxide properties and, more
importantly, the porosity of the metal substrate and the oxide thickness.
Small-scale probe sputtering uses a liquid metal source, such as gallium. A Ga+ ion
beam is obtained by passing liquid Ga over a heated Tungsten needle, and using an electric
field to ionize the liquid [5]. The Ga+ ions are accelerated using a controlled voltage and
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bombard the solid sample, resulting in sputtering. The cross-sections created using FIB
milling were studied using SEM.
Figure 3-2: Schematics of (a) a standard SEM instrumental arrangement [6], and (b) a
dual-beam FIB and SEM arrangement [7].
3.1.4 Raman Spectroscopy
The chemical composition of different oxides and hydroxides of copper was
determined using the Raman spectroscopy. This technique studies the vibrational modes of
a molecule. The sample is irradiated with a powerful visible or near-infrared
monochromatic laser, and molecules scatter the light elastically (at the same frequency as
the source) or inelastically (at a shifted frequency) [8]. The shifts in wavenumber, which
are referred to as Raman shifts, correspond to different molecular vibrational modes,
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allowing different compounds to be identified, as each molecule has characteristic Raman
shifts. Since water has a weak scattering probability, Raman spectroscopy is favoured over
infrared spectroscopy for aqueous corrosion studies [9]. Typical Raman spatial resolution
is oftern quoted as being in the order of 1 m.
3.1.5 X-Ray Photoelectron Spectroscopy (XPS)
X-ray photoelectron spectroscopy (XPS) can be used to perform elemental and
chemical analysis of surface oxides and to determine their composition quantitatively [10].
Since ejected electrons have a low inelastic mean free path, XPS has a high surface
sensitivity, and is therefore a powerful technique for characterizing the uppermost layer of
oxides after corrosion. Usually, photoelectrons excited by Mg Kα or Al Kα X-ray radiation
are used for the characterization of surfaces to a depth of 2–5 nm. The peak height or area
can be used for quantitative analysis.
In XPS, an X-ray beam with known energy, irradiates the surface, and the kinetic
energy (KE) of the photoelectrons ejected from the core or valence band energy levels is
measured. An example demonstrating the principles of XPS for a core level electron (1s)
is shown in Figure 3-3. The peak position of KE in the kinetic energy scale or binding
energy (BE) scale is used for elemental analysis, and to identify the oxidation state. The
KE of the photoelectrons is related to the binding energy of a particular element thus:
𝐾𝐸 = ℎ − 𝐵𝐸 − 𝑠𝑝 (Eq. 3-1)
where φsp, h, and  are the work function of the spectrometer (typically between 4 and 5
eV), Plank’s constant, and the frequency, respectively.
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Figure 3-3: Schematic diagram of the excitation process in the photoelectron
spectroscopy technique. The energy of the photon is converted into the kinetic energy of
the electron, which is emitted into the vacuum. Measuring the kinetic energy of the
ejected electron allows the binding energy to be determined [11].
3.2 SOLUTION ANALYSIS TECHNIQUES
3.2.1 Inductively Coupled Plasma-Optical Emission Spectrometry (ICP-OES)
The amount of dissolved copper in solution was measured by analyzing the solution
after corrosion experiments using a PerkinElmer Avio 200 Inductively Coupled Plasma-
Optical Emission Spectrometer (ICP-OES). This ICP-OES instrument and a simplified
general diagram of an ICP-OES instrument are illustrated in Figure 3-4. The instrument
has a detection limit of 1 ppb (μg/L) and uses Ar to create the plasma. The inductively
coupled plasma acts as the ionization source and excites atoms or ions, which emit
electromagnetic radiation at characteristic wavenumbers, depending on the element. The
emitted photons are then detected [12,13], and the intensity as a function of wavelength
measured. Using calibration curves from standards of known concentrations, the intensities
of the copper peaks can be converted to concentration units.
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Figure 3-4: A generalized schematic of an inductively coupled plasma-optical emission
spectrometer instrument and the PerkinElmer Avio 200 ICP-OES [14].
3.3 ELECTROCHEMICAL TECHNIQUES
All electrochemical tests were performed using a conventional three-electrode
electrochemical cell, as shown in Figure 3-5. The counter electrode (CE) was a pure Pt
mesh. A conventional saturated calomel electrode (SCE) was used as the reference
electrode (RE). The working electrodes used in this study were high-purity copper coupons
made from wrought copper samples (provided from SKB, 99.9% purity) with a surface
area of 0.785 cm2. Before each experiment, the coupons were polished using silicon carbide
papers with grit size 400, 800, and 1200 in succession and were washed with pure water
and dried with argon gas between each grit size. The polished coupons were then rinsed
with NANOpure water and dried in flowing argon.
The electrochemical experiments were carried out in a three-compartment vessel
with the CE and RE separated from the working electrode by glass frits. The
electrochemical cell was placed inside a Faraday cage to reduce electrical noise from
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external sources. A potenti ostat was used to minimize (to near zero) the current flow
between the WE and the RE. The measured current is thus the current flow between the
working electrode and counter electrode.
Figure 3-5: Schematic of the conventional three-electrode cell.
3.3.1 Cyclic Voltammetry (CV)
Cyclic voltammetry (CV) is a popular electrochemical technique that is employed
in corrosion studies to investigate the reduction and oxidation reactions that occur at the
WE surface [15]. A typical CV potential waveform for a CV cycle is shown in Figure 3-6.
In a cyclic voltammetry experiment, the potential is scanned linearly with a certain scan
rate from an initial potential (Ei) to a switching potential (𝐸S) and then reversed to the final
potential (𝐸f); during these changes in potential, the current at the WE is measured using a
potentiostat. This cycle may be repeated a few times.
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Figure 3-6: The potential waveform in a complete single (forward and reverse) CV scan.
3.4 IRRADIATION
All the radiation experiments were performed using a MDS Nordion Gamma Cell
220 Excel 60Co irradiator, as shown in Figure 3-7. The 60Co radiation source has a half-life
of 5.3 years and emits two characteristic -photons with energies of 1.332 MeV and 1.173
MeV (Eq. 3-2) [16].
60Co  60Ni + 2 -photons + -particle (Eq. 3-2)
A -particle is also emitted with an energy of 0.318 MeV, but this particle does not
enter the irradiation chamber as it cannot penetrate the metal shielding around it.
For the radiation experiments, each polished coupon was placed in a separate vial,
the solution was added, and the a plastic cap was used to prevent water evaporation.
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Figure 3-7: The 60Co irradiator (220 Excel, MDS Nordion) and the custom-designed
sample holder that fits into the irradiation chamber.
The cover gas environment was normal lab air (20% oxygen). The test vials were
irradiated for the desired period. During the experiments, the absorbed radiation dose rate
in the irradiation chamber was 1.8 kGy/h. The radiation dose rate was calculated using
Fricke dosimetry [17]. The individual vials containing the copper coupons were placed in
a circular sample holder to ensure that all samples received the same dose during the
exposure time.
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4 CHAPTER 4
CORROSION DYNAMICS OF COPPER IN SULFATE
SOLUTION: EFFECT OF SOLUTION LAYER
THICKNESS
4.1 INTRODUCTION
Corrosion involves many electrochemical and chemical reactions that are coupled
with interfacial transfer and solution transport of metal cations [1,2]. The transfer of metal
atoms between metal, oxide and solution phases provides routes for developing strong
systemic feedback that can induce autocatalytic reaction cycles. The slow oxidation of
copper, particularly in small volumes of stagnant water, increases the probability of
developing strong feedback between different elementary processes that include
electrochemical reactions at the metal surface, solution reactions, transport of dissolved
metal ions, and dissolution and precipitation of metal oxide particles.
Under conditions that induce strong feedback loops, the overall corrosion process
will not follow linear chemical dynamics. Under these conditions, simple extrapolations of
empirically determined rate formulae to timescales and corrosion environments beyond the
tested ranges will not yield valid predictions. Due to the inherent complexity of copper
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corrosion, existing copper corrosion mechanisms have not been able to explain many of
the observed relationships between corrosion results and solution parameters, even over
short laboratory timescales and without ionizing radiation present. This challenge is
intensified if a continuous flux of ionizing radiation, which generates redox active species,
is present.
To develop a high-fidelity corrosion model that can predict the overall rate of Cu
corrosion in environments where systemic feedback may develop, it is critical to identify
and decouple the key elementary processes controlling the overall rate. The rate and flux
equations for these processes must then be formulated as a function of the solution physical
and chemical properties. The rate equations can then be coupled and solved numerically.
The effects of solution parameters on the overall corrosion rate can then be quantified
through their effects on individual elementary processes.
The previously developed mechanisms for copper corrosion are mostly based on
mixed potential theory [3,4]. However, how the kinetics of individual redox half-reactions
involving copper species (Cu to Cu2+(aq) and Cu2O, and Cu2O to Cu2+(aq) and CuO) and
those involving dissolved oxidant(s) affect the overall corrosion rate must be evaluated and
considered when applying the mixed potential theory. This is challenging because of the
normally very slow rate of copper oxidation.
In this chapter, the corrosion dynamics of copper are studied using 5 mM sulphuric
acid solutions at initial pH (pHt=0) 2.0 under stagnant aerated conditions. The corrosion
dynamics were investigated by measuring the dissolved copper concentration ( Cu2+
𝑚𝑒𝑎𝑠
)
and the change in pH, and also the morphology, chemical/elemental composition and cross-
section of oxides formed on a coupon surface, as a function of corrosion duration. The
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solution parameter being investigated is solution layer thickness, a physical property that
influences mass transport rates. This work addresses dynamic effects that promote
feedback between electrochemical, chemical and transport processes. The small water
volumes also more closely represent the conditions that a UFC will experience in a DGR.
The bentonite clay will seal the area adjacent to the container, effectively eliminating water
flow, and significantly reducing the transport of soluble species [5]. The copper corrosion
mechanism deduced from the results, which will form the basis for a corrosion model for
predicting the lifetime of the UFC in the DGR, is also discussed.
4.2 EXPERIMENTAL PROCEDURES
4.2.1 Materials and Solutions
The samples used in this study were high-purity copper coupons made from
wrought copper samples (provided by SKB, 99.9% purity) with a surface area of 0.785 cm2
for the exposed circular face. Before each experiment the coupons were polished using
silicon carbide papers with grit size 400, 800, 1200, and 2500 in succession, washing with
pure water and drying with argon gas between each grit size. The polished coupons were
then rinsed with Type I water and dried in flowing argon.
The test solution used was 5 mM sulphuric acid. (Anachemia ACS grade (95.0 to
98.0 %). No additives other than sulphuric acid were used. The solution was prepared with
water purified to a resistivity of 18.2 MΩcm using a NANO pure Diamond UV ultra-pure
water system (Barnstead International).
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4.2.2 Test Procedure
To simplify the analysis of mass transport contribution to the overall corrosion rate,
the experiments were conducted using copper coupons with one face exposed to solutions
confined in a cylindrical geometry. Coupon exposure tests were performed in shrink tubes
with different water volumes. Figure 4-1 shows the setup of this experiment. This set-up
allows the transport behaviours of corrosion reactants and products from the surface to the
bulk solution to be approximated as 1-D processes. The surface area of coupons were the
same in all tests. The solution layer thickness (𝑑𝑠𝑜𝑙) thus is represenative of the solution
voluem per surface area. Samples, i.e., the coupons embeded in shirnk tubes, were placed
in individual glass vials. Each set of coupons was exposed to 5 mM sulphuric acid solution
volumes of 0.2 ml, 1 ml, 2 ml, 5 ml under aerated conditions. These volumes correspond
to solution layer thicknesses of 0.25±0.05 cm, 1.3±0.1 cm, 2.5±0.1 cm, and 6.4±0.1 cm.
Figure 4-1: Experimental setup for corrosion tests in shrink tubes.
The test vial were sealed using a plastic cap to avoid water evaporation while the
cover gas was assumed to maintain at 20% of oxygen for the entire test duration. The
coupons were exposed to the solution for specific periods of time ranging from 1 h to
1728 h.
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4.2.3 Post Test Analysis
Following exposure for the specified period, the coupon was removed from the test
vial, and the solution was collected and transferred to a 4 mL vial for pH measurement.
The pH (pHmeas) was measured using a ThermoScientific Orion 9110DJWP Double
Junction Micro-pH Electrode [6]. The accuracy of this Micro-pH Electrode was pH 0.02.
To minimize the uncertaintis in measurement of the pH changes, the pH of all solutions
were measured with the same instrument and following the same calibration procedure.
After collecting the solution, the coupon was immediately rinsed with pure water to remove
the remnants of solution from the coupon surface. The coupon was then dried with Ar and
stored in a vacuum chamber until surface analyses were performed.
4.2.3.1 Solution Analysis
For the solution analysis the test solution and the solution collected from rinsing
the coupon were combined for copper analysis using a PerkinElmer Avio 200 inductively-
coupled plasma-optical emission spectrometer (ICP-OES). The samples were digested
using nitric acid (trace analytical grade (67-70%), Fisher Scientific) prior to analysis, to
dissolve any colloidal particles present. The instrument was calibrated prior to each
analysis using standard solutions of copper sulfate (CuSO4) containing 2% nitric acid. The
concentrations measured in this work are much higher than the detection limit for ICP-OES
(> 6.3×10-8 mM).
4.2.3.2 Surface Analysis
The copper surfaces were analyzed using high-resolution optical microscopy with
a Leica DVM6 microscope using the same lighting settings to image each sample. Optical
microscopy was used in this study because it provides information about thin
81
hydroxide/oxide layers present on the surface, due to the strong absorbance of visible light
by copper complexes. Additionally, optical images provide information on the overall
corrosion behaviour, as the whole coupon surface can be seen at once.
The scanning electron microscopy (SEM) images, elemental distribution on the
copper surface by energy dispersive X-ray spectroscopy (EDX), and focused ion beam
(FIB) cross section cuts were obtained using a Hitachi S-4500 Field emission scanning
electron microscope equipped with a Quartz XOne EDX system or using a LEO (Zeiss)
1540XB FIB/SEM/EDX.
X-ray photoelectron spectroscopy (XPS) was carried out with a Kratos Axis Nova
spectrometer using a monochromatic Al Kα source (15 mA, 14 kV). Survey scans and
high-resolution analyses were carried out with pass energies of 160 eV and 20 eV,
respectively. A 20 eV pass energy corresponds to an Ag 3d5/2 FWHM of 0.55 eV. Spectra
have been charge-corrected to the main line of the carbon 1s spectrum (adventitious
carbon) set to 284.8 eV. Spectra were analyzed using CasaXPS software (Version 2.3.14).
The Cu 2p3/2 and Cu L3M4,5M4,5 high resolution spectra were curve-fitted using the high
resolution spectra and spectral deconvolution methods [7–8].
Raman scattering measurements were performed using a Renishaw model 2000
Raman Spectrometer (Renishaw PLC, UK), equipped with a MellesGriot 35 mW HeNe
laser with an excitation wavelength of 633 nm and a focused beam diameter of ∼2 μm. The
laser power was reduced to less than 5% to avoid laser heating effects, since small changes
in temperature can easily produce minor changes in the frequency and width of Raman
lines. The coupon spectra were compared to the Raman spectra of standard samples.
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4.3 RESULTS AND DISCUSSION
This study investigated the evolution of the corrosion dynamics of copper in
solutions of small stagnant volumes, and the effect of solution layer thickness on the
corrosion rate and its evolution.
Because of the very slow rate of copper oxidation, the long-term corrosion
(oxidation) behaviour was investigated by analyzing the overall yields of metal oxidation
products - dissolved metal cations and hydroxides/oxides formed on the surface - as a
function of corrosion duration (𝑡𝑐𝑜𝑟𝑟). In addition to the metal oxidation products, the
overall consumption of protons, a reactant involved in oxidation, was also measured as a





). As discussed later, the overall proton
consumption and the metal dissolution yield must follow mass and charge conservation
during natural corrosion. Therefore, the proton consumption rate provides additional
information on the metal oxidation kinetics.
Because pH 2 is near the second pKa of sulfuric acid, the initial pH of sulfuric acid
solution (pH0) and subsequently the concentration of H+ [𝐻+]𝑡𝑐𝑜𝑟𝑟=0 were measured before
immersion test. Because of the partial dissociation of H2SO4 near the pKa of sulfuric acid,
the initial proton concentration ([H+]𝑡=0) was 8.1 mM ((pH)𝑡=0 = 2.09) for solutions of
thicknesses 1.3 cm and 2.5 cm, and was 8.48 mM (pHt=0 = 2.07) for the solutions of
thicknesses 0.25 cm and 6.4 cm. The purpose for using 5 mM H2SO4 is not to keep the
initial pH exactly at pH 2.0, but close to the value, so the corrosion rate in solution
containing redox inactive sulphate anion vs redox active NO3 at similar initial pH
(presented in Chapter 5) can be compared. Although there are some uncertainties in pH
measurements due to the buffering capacity of H2SO4 near pH 2.0, the contribution of the
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change in [H+] due to oxidant reduction (O2/OH–) and the hydrolysis of metal cations
(which is an acid-base equilibrium reaction) is more significant. Furthermore, the changes
in [H+] due to oxygen reduction and hydrolysis reactions is much more significant in the
interfacial region than in the bulk solution. Thus, the change in pH can be used to correlate
the proton consumption and the increase in the dissolved metal cations.
The evolution of the corrosion dynamics observed for copper in 5 mM H2SO4
solution layer of 1.30.1 cm is discussed first, followed by the effect of solution layer
thickness (𝑑𝑠𝑜𝑙) on the corrosion dynamics and their evolution.
4.3.1 Time-Dependent Behaviours of the Corrosion Dynamics in 1.3-cm Thick
Solution
Figure 4-2 presents the proton consumption (−∆ H+
𝑚𝑒𝑎𝑠
), the dissolved copper
concentration ([Cu2+]𝑚𝑒𝑎𝑠), and the optical and SEM images of surfaces observed as a
function of corrosion duration (𝑡𝑐𝑜𝑟𝑟) in solutions of 𝑑𝑠𝑜𝑙 = 1.3±0.1 cm. The experiments
with 𝑡𝑐𝑜𝑟𝑟 ≤ 150 h were repeated at least two times, but only two sets of −∆ H+ 𝑚𝑒𝑎𝑠 and
[Cu2+]𝑚𝑒𝑎𝑠 data are shown to illustrate the test variability. For surface morphology, many
optical and SEM images of each corroded sample were also taken, but only one of these
micrographs for each sample is presented in Figure 4-2. More optical and SEM images of
the corroded surfaces are presented throughout this chapter.
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Figure 4-2: Proton consumption −∆ H+
𝑚𝑒𝑎𝑠
, dissolved copper ([Cu2+]𝑚𝑒𝑎𝑠), and
optical and SEM images of surfaces obtained as a function of corrosion duration for
copper corrosion in solutions with thickness 1.3±0.1 cm, initially containing 5 mM
H2SO4. The −∆ H+ 𝑚𝑒𝑎𝑠 and [Cu
2+]𝑚𝑒𝑎𝑠 are plotted over two different ranges of 𝑡𝑐𝑜𝑟𝑟.
Indicated on top of the plots are the durations of the corrosion kinetic stages.
Figure 4-2 shows that the −∆ H+
𝑚𝑒𝑎𝑠
 and [Cu2+]𝑚𝑒𝑎𝑠 data obtained at a specific
𝑡𝑐𝑜𝑟𝑟 vary from one test to another. This variation is expected because of the dynamic
nature of copper corrosion. As discussed in detail later, because metal oxidation involves
interfacial transfer of not only electrons but also metal atoms, the overall dynamics of metal
oxidation do not reach a single stable steady state. Instead, the corroding system evolves
from an initial (pseudo-) steady state into a different steady state(s) at later times, if
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intermediate corrosion products can accumulate in the interfacial region and undergo
chemical processes (reactions and mass transport) [9]. Here, the interfacial region is
defined as the solution volume within the diffusion length from the metal surface, 𝛿𝑑𝑖𝑓𝑓
because within this diffusion length redox species can exchange electrons with the
conducting medium, the metal. When a chemical system does not stay at one stable steady
state, one should expect variation between tests in quantities measured after a specific
reaction time [10,11]. For a system involving solid-liquid phase transfer of atomic and
molecular species, the test variability can be significant, particularly if the
sampling/measurement time is near the time when the transition from one steady state to
another occurs. The concentrations of reactants (e.g., H+) and products (e.g., Cu2+)
measured after a specific corrosion duration will fluctuate about their time-dependent
average concentrations, but these fluctuations do not necessarily correlate to variations in
the copper samples themselves and/or spatial variation in the redox activity of the metal
surface [12–15]. Considering the interfacial mass-transfer nature of the corrosion process,
the observed time-dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 are considered
very reproducible. It is their time-average behaviours, not the fluctuations, that provide
insight into the corrosion dynamics.
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Figure 4-3: Solubility of Cu+ and Cu2+ as a function of pH at 25 °C [17].
The observed behaviours of [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 show three distinct
periods with characteristic dependences on 𝑡𝑐𝑜𝑟𝑟. A change in the time-dependent
behaviour means a change in the rate-determining step(s) (RDS) that control(s) the overall
corrosion rate. Each period, with a characteristic dependence on 𝑡𝑐𝑜𝑟𝑟, will be referred to
as a “dynamic stage” hereafter. The optical and SEM images of the corresponding surfaces
also show characteristic morphological progression in each of the three stages. The general
characteristics are:
Stage 1: Both [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 increase linearly with 𝑡𝑐𝑜𝑟𝑟, while
granular oxide formation is negligible;
Transition to Stage 2:
−∆ H+
𝑚𝑒𝑎𝑠
 continues to increase with 𝑡𝑐𝑜𝑟𝑟 at almost the same rate observed
in Stage 1, and [Cu2+]𝑚𝑒𝑎𝑠 almost ceases to increase, while the formation
and growth of Cu(OH)2 hydrogel occurs and small crystalline oxides began
to form along the indented lines.
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Stage 2: Both [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 are almost constant with 𝑡𝑐𝑜𝑟𝑟, while the
number density and average size of the purplish oxide crystals on surface
increase with 𝑡𝑐𝑜𝑟𝑟;
Stage 3: −∆ H+
𝑚𝑒𝑎𝑠
 remains constant, but [Cu2+]𝑚𝑒𝑎𝑠 decreases, with 𝑡𝑐𝑜𝑟𝑟, while
the purplish oxides convert to green oxide crystals with 𝑡𝑐𝑜𝑟𝑟.
As shown later, these three stages were also observed for copper corroding in solutions of
different thicknesses (𝑑𝑠𝑜𝑙), but the durations of the individual stages and the rates of
increase of [Cu2+]𝑚𝑒𝑎𝑠  and −∆ H+ 𝑚𝑒𝑎𝑠 in Stage 1 varied with 𝑑𝑠𝑜𝑙. The kinetics of each
stage of corrosion in solutions of 𝑑𝑠𝑜𝑙 = 1.3±0.1 cm are discussed in detail below.
4.3.1.1 Stage 1
The slopes of the plots of [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 as a function of 𝑡𝑐𝑜𝑟𝑟







= 𝑟−H+ (Eq. 4-1)
For interfacial mass-transfer processes, it is more useful to use chemical fluxes or reaction
velocities (i.e., molar rate per unit surface area, mol/h/cm2), 𝑑𝑖𝑠𝑠 for example, rather than




∙ 𝑑𝑖𝑠𝑠 𝑟−H+ =
1
𝑑𝑠𝑜𝑙
∙ −H+ (Eq. 4-2)
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In Stage1, [Cu2+]𝑚𝑒𝑎𝑠  and −∆ H+ 𝑚𝑒𝑎𝑠 increase linearly with time, indicating that 𝑟𝑑𝑖𝑠𝑠
and 𝑟−H+ are constant with 𝑡𝑐𝑜𝑟𝑟. The fact that the slopes are the same indicates that the
two rates are also the same:
𝑟𝑑𝑖𝑠𝑠 ≈ 𝑟−H+ = constant with 𝑡𝑐𝑜𝑟𝑟 in Stage 1 (Eq. 4-3)
Due to proton consumption, the pH of the solution changes with 𝑡𝑐𝑜𝑟𝑟. Despite the change
in pH, both 𝑟𝑑𝑖𝑠𝑠 and 𝑟−H+ remained constant with 𝑡𝑐𝑜𝑟𝑟 and were the same; 𝑟𝑑𝑖𝑠𝑠 ≈
1
𝑑𝑠𝑜𝑙
.−H+ ≈ 0.140.01 mM/h when 𝑑𝑠𝑜𝑙 = 1.3±0.1 cm, corresponding to 𝑑𝑖𝑠𝑠 ≈
−H+ ≈111 g Cu/cm2/h or 131 nm Cu/h. These rates are summarized in Table 4-1.
The results show that during the early times (Stage 1) of copper corrosion under
stagnant conditions, the copper dissolution rate is independent of pH. As discussed in more
detail later, this constant corrosion rate despite the change in pHmeas in Stage 1 is attributed
to the fact that the rate of the full redox process occurring on a corroding metal, metal
oxidation half-reaction coupled with oxidant reduction half-reaction, is controlled
primarily by metal oxidation and not by oxidant reduction half-reaction. Although the rates
of both half-reactions must be same under naturally corroding conditions, metal oxidation
involves interfacial mass-transfer and hence, is the slower process of the two half-reactions.
 The negligible presence of granular oxides on the surface (see Figure 4-2) and
constant dissolution rate indicate that in Stage 1 overall metal oxidation produces mainly
soluble cupric ion rather than nearly insoluble cuprous ion. That is, the electrochemical
redox reaction taking place on the corroding metal surface in Stage 1 consists of the
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oxidation half-reaction of surface metal atom (Cu0(m)) to cupric ion in solution (Cu2+(solv))
and the reduction half-reaction of O2 to OH:
2 Cu0(m)  2 Cu2+(solv) + 4 e (Eq. 4-4a)
O2 + 2 H2O + 4 e  4 OH (Eq. 4-4b)
2 Cu0(m) + O2 + 2 H2O  2 Cu2+(solv) + 4 OH (Eq. 4-4c)
Note that the chemical equation represents the overall redox process and the phase
designations (m) and (solv) are given only to the copper species because the other species
involved in the redox process are all dissolved species.
The overall process of each electrochemical half-reaction occurs in more than one
elementary step. For the oxidant reduction half-reaction, O2 diffuses in the solution phase
from the bulk phase to the metal-solution interface (referred to as step (O-trans)), where
electrons can transfer from the metal to O2 thereby reducing it to H2O2 and then to OH
(step (red)), and OH diffuses from the interface to the bulk phase (step (R-trans)) which
can be viewed as H+ diffusing in the opposite direction:
(O-trans): O2|bulk ~ O2|int  (Eq. 4-5)
(red): O2|int + 2 H2O + 4 e {⇌ H2O2|int + 2 OH + 2 e} ⇌ 4 OH (Eq. 4-6)
(R-trans): OH|int ~ OH|bulk (Eq. 4-6a)
or H+|bulk ~ H+|int (Eq. 4-6b)
Note that oxidant reduction half-reactions do not generally involve interfacial transfer of
mass, but only electrons.
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For the metal oxidation half-reaction, as the metal atom is oxidized and transferred
to the solution phase in the interfacial region (𝑧𝑖𝑛𝑡 < 𝛿𝑑𝑖𝑓𝑓) (step (M1)), the Cu2+(solv) in the
interfacial solution not only diffuses out of the interfacial volume into the bulk solution
(step (trans)) but also undergoes hydrolysis equilibrium reactions (step (hydrolysis)):
(M1): Cu0(m)|int ⇌ Cu2+(solv)|int + 2 e (Eq. 4-7)
(trans): Cu2+(solv)|int ~ Cu2+(solv)|bulk  (Eq. 4-8)
(hydrolysis): Cu2+ + 2 OH ⇌ Cu(OH)+ + OH ⇌ Cu(OH)2 ⇌ etc. (Eq. 4-9)
The elementary steps that comprise the overall metal oxidation process that can occur in
different dynamic stages are summarized in Table 4-2, and schematically shown in Figure
4-6, Figure 4-7, and Figure 4-10.
During a chemical/electrochemical process mass and charge must be conserved.
The observation that the bulk concentration [Cu2+]𝑚𝑒𝑎𝑠 is the same as, and not twice, the
−∆ H+
𝑚𝑒𝑎𝑠
at a given 𝑡𝑐𝑜𝑟𝑟 is attributed to the average chemical form of the hydrated
cupric ion in the interfacial solution being Cu(OH)+. The forward and reverse reactions of
the hydrolysis equilibrium (Eq. 4-9) are very fast and thus, the hydrated cupric ion can be
considered as always being in chemical equilibrium at any time and at any location (z) in
the solution during the slow overall metal oxidation process. However, the relative
concentration ratios of different chemical forms can vary with 𝑡 and z because the
hydrolysis equilibrium shifts to the right at higher pHs and for larger amounts of Cu2+(solv).
Because of the fast hydrolysis equilibria, the cupric ions in the interfacial solution
exist in various chemical forms but, for simplicity, they will be collectively referred to as
Cu2+(solv) hereafter:
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Cu2+(solv)  Cu2+ + Cu(OH)+ + Cu(OH)2 + Cu(OH)3 (Eq. 4-10)
Note that Cu(OH)2 in Eqs. 4-9 and 4-10 represents hydrated Cu(OH)2 molecule and not
solid hydroxide species. Only when the total amounts of cupric and hydroxide ions injected
into the solution exceed the solubility of solid Cu(OH)2(solid) will Cu2+(solv) precipitate with
OH as solid Cu(OH)2(solid), and Cu2+(solv) will be in phase-partitioning equilibrium with
Cu(OH)2(solid):
(colloids):  Cu2+(solv) + 2 OH ⇌ Cu(OH)2(solid) (Eq. 4-11)
When (Cu2+(hyd) + OH) and Cu(OH)2(solid) are in phase-partitioning equilibrium, the total
concentration of Cu2+(hyd) is at the solubility of Cu(OH)2(solid) and any excess amount of
cupric ion is present as solid hydroxide particles (colloids and/or crystals). The
precipitation of Cu(OH)2(solid) (referred to as step (colloids)) affects significantly the overall
corrosion process at later stages and will be discussed in detail later. The phase designations
(solv) and (solid) will be omitted hereafter for further simplicity; Cu2+(solv) and
Cu(OH)2(solid) will be simply referred to as Cu2+ and Cu(OH)2, unless clarification is
required.
Because of the fast hydrolysis, the Cu2+ in the interfacial solution exists in various
chemical forms. The ratio, −∆ H+
𝑚𝑒𝑎𝑠
/[Cu2+]𝑚𝑒𝑎𝑠, being ~ 1.0 in Stage 1 means that the
main or the average chemical form of cupric ion is Cu(OH)+ and that the average
concentration of cupric ion in the interfacial solution (𝑧 < 𝛿𝑑𝑖𝑓𝑓) remains below the
solubility limit of Cu(OH)2. Note that the Cu2+ concentration at the metal surface (𝑧 = 0)
is, by definition, at its saturation limit, but there will be a concentration gradient across the
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diffusion layer when Cu2+ can transport from the metal surface into the solution as fast as
it is produced by (M1). When the overall metal oxidation product is Cu(OH)+, the net
proton consumption rate is the same as that of the production rate of Cu(OH)+:
2 Cu0(m) + O2 + 2 H2O { 2 Cu2+ + 4 OH}  2 Cu(OH)+ + 2 OH  (Eq. 4-12)
That is, production of one Cu(OH)+ produces one OH or consumes one H+, if there are no
other acid-base equilibrium reactions than hydrolysis equilibrium of cupric ion over the
range of pH change, which is the case in the studied solutions.
Figure 4-2 shows that while copper dissolution occurred at a constant rate, the
surface became rough in Stage 1. The progression of the surface morphology can be seen
more clearly in Figure 4-4. The SEM images of coupons corroded for 𝑡𝑐𝑜𝑟𝑟 less than 48 h
clearly show that in Stage 1 the metal surface becomes rougher with 𝑡𝑐𝑜𝑟𝑟 without forming
significant crystalline (or granular) oxides. The topographical features of the corroded
surfaces generally follow those of the scratch lines created during polishing of the copper
coupon samples.
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Figure 4-4: SEM micrographs with different magnifications of the surfaces and the FIB-
cut cross sections of copper coupons corroded for different 𝑡𝑐𝑜𝑟𝑟 in 5 mM H2SO4
solutions of thicknesses 1.3±0.1 cm.
Also shown in Figure 4-4 are the cross-section images of the freshly polished and
the 24-h corroded coupon. The 24-h corroded coupon shows very porous layers underneath
the surfaces of higher elevations. The general topographical features and the porous metal
layers indicate that metal dissolution has occurred preferentially along the scratch lines and
that the metal dissolution front, or the solution diffusion front, has propagated not only in
the direction perpendicular to the metal surface, but also horizontally across the surface.
It is known that abrading and polishing of copper metal generates local shear
stresses that concentrate along the stacking fault lines, creating voids and cracks in the top
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( 200 nm) layer [18] and a nanocrystalline layer underneath the damaged layer (see more
details in Appendix B). The void-propagation patterns suggest preferential dissolution
along intergranular boundaries, and as metal dissolves solution can diffuse into the voids
and cracks in the stressed layer. The porous layer will eventually disappear, when the
individual metal grains in this layer have completely dissolved or dispersed into the
solution. The SEM images of the cross sections of the coupons corroded for longer times
(𝑡𝑐𝑜𝑟𝑟 > 48 h) presented later indeed show no presence of porous metal layers. Even after
24 h, the stressed layer has already completely dissolved in some areas, but only partially
in some other areas, leaving the layer porous.
The depth of the stressed layer was about 0.5 m, and most of this layer had
disappeared by 48 h (the time of transition to Stage 2). The average dissolution rate
determined from the loss of this layer is about 10±3 nm Cu/h. This value is similar to the
𝒅𝒊𝒔𝒔 value determined from the slope of the [Cu2+]𝑚𝑒𝑎𝑠 vs. 𝑡𝑐𝑜𝑟𝑟 plot presented in
Figure 4-2 further confirming that the main corrosion product is Cu2+ dissolved in the bulk
solution.
The optical images presented in Figure 4-2 show that by 6 h a greenish colour
appears close to the coupon edge and a brownish-magenta colour close to the centre of the
coupon, and these colours become more intense but also increasingly segregated by 24 h.
Copper oxides and hydroxides have characteristic colours depending on the oxidation state
of copper and the extent of hydration. Although formation of a pure single-phase oxide
during corrosion is not likely, oxide colour provides qualitative information on the type
and the spatial distribution of oxide across the metal surface. The colour of the hydrated
95
cupric ion and cupric hydroxide ranges from greenish blue to navy blue [19–21]. The
optical images of standard Cu(OH)2 and Cu2O samples (Sigma Aldrich) and CuO (Alfa
Aesar) are shown in Figure 4-5.
Figure 4-5: Optical images of standard Cu2O, Cu(OH)2 and CuO powders showing their
colour in dry form.
A thin layer of highly hydrated or colloid particles of Cu(OH)2 on a copper surface
gives a greenish colour while Cu2+ adsorbed or dissolved gives a reddish colour [8,22]. A
thin greenish layer was present on the edges of the 6-h corroded coupon where the solution
layer thickness was not even, due to difficulties in controlling shrinkage of the cylindrical
tube, and solution diffusion in the radial direction was also restricted. Most surface areas
of the coupons corroded in Stage 1 showed a brownish-magenta colour because the pores
created by intergranular corrosion contained the adsorbed or dissolved Cu2+. These
observations further support the assertion that the main corrosion path in Stage 1 is
dissolution.
The observed time-dependent behaviours of bulk reaction parameters,
[Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 and surface morphology indicate that overall metal oxidation
in Stage 1 mainly involves oxidation of Cu0(m) to solvated Cu2+, and that the elementary
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steps that are involved in the overall metal oxidation half-reaction are (M1), (trans) and
(hydrolysis), as schematically presented in Figure 4-6. The metal oxidation half-reaction
is coupled with the overall O2 reduction process that also occurs in multiple steps (O-
trans), (red) and (R-trans).
Under naturally corroding conditions, mass and charge must be conserved during
corrosion. Mass and charge conservation during corrosion imposes boundary conditions
for the rates of individual steps:
 The net current generated from metal oxidation must be the same in magnitude but
opposite in sign to the net oxidant reduction current at any time during corrosion in
Stage 1:
𝑖𝑜𝑥−𝑆1 ≈ −𝑖𝑟𝑒𝑑−𝑆1 at any 𝑡𝑐𝑜𝑟𝑟 in Stage 1 (Eq. 4-13)
where the Faraday law further dictates:
𝑖𝑜𝑥−𝑆1 = 2𝐹 ∙ 𝑜𝑥−𝑆1 and 𝑖𝑟𝑒𝑑−𝑆1 = 4𝐹 ∙ 𝑟𝑒𝑑−𝑆1 (Eq. 4-14)
Step (hydrolysis) occurs but does not contribute to rate determination.
 The metal oxidation rate must be same as the net rate of the interfacial charge transfer
step (M1) (𝑀1).
𝑜𝑥 = 𝑀1 (Eq. 4-15)
 Step (M1) is a reversible process, and the net rate of a reversible process is the
difference between the rates of the forward and reverse reactions (𝑀1𝑓 and 𝑀1𝑟,
respectively):
𝑀1 = 𝑀1𝑓 − 𝑀1𝑟 (Eq. 4-16)
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 The change in the chemical activity of Cu2+ dissolved in the interfacial solution








. ∫(𝑀1(𝑡) − 𝑡𝑟𝑎𝑛𝑠(𝑡)) ∙ 𝑑𝑡 (Eq. 4-16b)
 The metal oxidation half-reaction consisting of (M1), (trans) and (hydrolysis) reaches
a (pseudo-) steady state when (𝑎𝐶𝑢2+)𝑖𝑛𝑡 no longer changes. At the steady state,
𝑀1−𝑆1 ≈ 𝑡𝑟𝑎𝑛𝑠−𝑆1 at steady state in Stage 1 (Eq. 4-17)
Hence, at the 1st steady state, the overall metal oxidation rate is the same as the rates of
the elementary steps (M1) and (trans) occurring in sequence:
𝑜𝑥−𝑆1 ≈ 𝑀1−𝑆1 ≈ 𝑡𝑟𝑎𝑛𝑠−𝑆1 at steady state in Stage 1 (Eq. 4-18)
 The rate of Cu2+ transport is same as the rate of production of Cu2+ in the bulk solution:
𝑡𝑟𝑎𝑛𝑠 ≈ 𝑑𝑖𝑠𝑠 (Eq. 4-19)
Hence,
𝑜𝑥−𝑆1 ≈ 𝑑𝑖𝑠𝑠−𝑆1 at steady state in Stage 1 (Eq. 4-20)
These boundary conditions arise from mass and charge conservation laws, the most
fundamental chemical reaction rate laws. They describe the relationships between the rates
of different elementary steps and between the rates of elementary steps and the overall rate.
The boundary conditions do not dictate the kinetics of individual steps as a function of rate
parameters or which steps are the rate-determining step(s) (RDS) for the overall rate. The
kinetics of a chemical process are experimentally obtained from the time-dependent
behaviours of reactant(s) and/or product(s):
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 The observation of a constant dissolution rate (i.e., linear increase in [Cu2+]𝑚𝑒𝑎𝑠) even
though [H+] changes significantly indicates that the rate of the full redox reaction
occurring on the corroding metal over the duration of Stage 1 is not controlled by
oxidant reduction but by the metal oxidation half-reaction.
 The observation of constant 𝑑𝑖𝑠𝑠 also indicates that the metal oxidation system reaches
the 1st (pseudo-) steady state early and that (𝑎𝐶𝑢2+)𝑖𝑛𝑡 and 𝑀1−𝑆1 reach steady-state
values early and remain at these nearly constant values over the duration of Stage 1.
 The observation of −∆ H+
𝑚𝑒𝑎𝑠
/[Cu2+]𝑚𝑒𝑎𝑠 being 1.0 indicates that Cu2+ in the
interfacial solution (within diffusion length) is in fast hydrolysis equilibrium and that
the main (or average) chemical form of cupric ion is Cu(OH)+. The observation of
constant rates of both proton consumption and metal dissolution further indicates that
step (hydrolysis) does not affect the rates of the other steps, (M1) and (trans), or the
overall metal oxidation rate.
 The overall rate of metal oxidation in Stage 1 under stagnant conditions, determined
from the rate of increase in [Cu2+]𝑚𝑒𝑎𝑠, is 11 µg Cu/cm2/h. The corrosion rate in
Stage 1 under continuous purging with air determined by electrochemical analysis
techniques presented in Chapter 7 is 320 µg Cu/cm2/h. Gas purging decreases the
diffusion length of Cu2+, increasing 𝑟𝑡𝑟𝑎𝑛𝑠−𝑆1. Hence, the increase in 𝑟𝑜𝑥−𝑆1 due to gas
purging indicates that step (trans) partially controls the overall metal oxidation rate in
Stage 1. For oxidation of even a passive metal both (M1) and (trans) are rate-
determining steps and their kinetics cannot be separately determined.
 As shown later, when 𝑑𝑠𝑜𝑙 ≥ 1.3 cm, although the bulk concentrations of Cu2+ and OH
(i.e., [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠) increased, 𝑑𝑖𝑠𝑠−𝑆1 was independent of 𝑑𝑠𝑜𝑙.
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However, the duration of Stage 1 increased nearly linearly with 𝑑𝑠𝑜𝑙. Under the same
stagnant conditions the diffusion coefficient should be the same. These observations
indicate that (𝑎𝐶𝑢2+)𝑖𝑛𝑡 is also nearly independent of the bulk concentration of Cu2+
until the bulk concentration reaches close to the solubility of Cu(OH)2 and begins to
affect 𝑡𝑟𝑎𝑛𝑠 (see the discussion on corrosion mechanism at later stages.)
Figure 4-6: Schematic of the elementary rate-determining steps for metal oxidation in
Stage 1.
4.3.1.2 Transition from Stage 1 to Stage 2
In Stage 1, both [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 increased linearly with 𝑡𝑐𝑜𝑟𝑟 at the
same rates. When they reached about ½ of [H+]0 their time dependent behaviours began to
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diverge from each other; −∆ H+
𝑚𝑒𝑎𝑠
 continued to increase at the same rate as in Stage 1,
while [Cu2+]𝑚𝑒𝑎𝑠 almost ceased to increase. At the same time (~ 24 h) small crystalline
Cu2O oxides began to form along the indented (or more extensively dissolved) lines, and
the pHmeas started increasing more rapidly. The changes in time-dependent behaviours of
corrosion products indicate the overall metal oxidation dynamics move away from those
of the 1st steady state (Stage 1) to approach a new steady state (Stage 2).
At the end of Stage 1, [Cu2+]𝑚𝑒𝑎𝑠 was about 5 mM (~ ½ H+ 0 used in this study).
The diverging time-dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 indicate that the
overall transport of Cu2+ from the metal surface to the bulk solution is significantly
hindered while that of OH is not affected significantly.
These observations indicate that a transport barrier that selectively impedes
transport of Cu2+ but not solvent species (H2O, H+ and OH) begins to form in the
interfacial region at the end of Stage 1. Although the concentrations of Cu2+ and OH in
the bulk solution were still below the solubility limit of Cu(OH)2, their concentrations in
the interfacial region should be higher. In Stage 1, 𝑡𝑟𝑎𝑛𝑠−𝑆1 was nearly constant because
the bulk concentrations of Cu2+ and OH are negligible and hence, their transport rates
depend on mainly their average concentrations in the interfacial region. As the corrosion
products accumulate in the bulk solution, the mass transport rates begin to slow down and
the Cu2+ and OH saturation front begins to expand. As the saturated volume increases,
Cu2+ and OH within the saturated volume have a higher probability (rate) of precipitating
as Cu(OH)2, initially as colloids (step (colloids), see Eq. 4-11), which then aggregate to
grow a hydrogel network.
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The copper hydroxide hydrogel network is a gel-like chemical structure, consisting
of a semi-stationary phase made of loosely connected Cu(OH)2 colloidal particles and a
mobile phase consisting of solution containing Cu2+ at a saturation level. As Cu2+ is
produced by (M1) at the metal surface, it is transported from the metal surface, through the
hydrogel layer, into the bulk solution not yet saturated with Cu2+. While being transported
through the hydrogel layer, the Cu2+ at a saturation level undergoes continuous adsorption-
desorption or precipitation-dissolution cycles on the semi-stationary Cu(OH)2 phase.
Consequently, the overall transport of Cu2+ from the metal surface to the bulk solution (i.e.,
metal dissolution) is significantly impeded, while the concentration of Cu(OH)2 colloids in
the hydrogel layer increases. The increase in Cu2+/Cu(OH)2 in the hydrogel layer also
increases its reduction rate to less soluble cuprous species (Cu+/Cu(OH)) (step (M2)):
(M2):  {Cu2+ + 2 OH ⇌ Cu(OH)2} + e ⇌{Cu+ + OH ⇌ Cu(OH)} + OH (Eq. 4-21)
The formation of Cu+/Cu(OH) further stabilizes the hydrogel network, accelerating the
formation and aggregation of colloidal particles (step (hydrogel)):
(hydrogel):  Cu2+/Cu(OH)2 + Cu+/Cu(OH) ~ CuIxCuIIy(OH)z hydrogel (Eq. 4-22)
Thus, once the hydrogel starts growing the concentration of mixed CuI/CuII hydroxide
colloids in the hydrogel layer increases more rapidly, decelerating Cu2+ transport while
accelerating reduction of cupric species to cuprous species.
When the concentrations of Cu2+ and OH in the bulk solution reach the solubility
limit of Cu(OH)2, the overall transport rates of Cu2+ and OH from the interfacial region to
the bulk solution become zero (𝒕𝒓𝒂𝒏𝒔 ≈ 0). When there is no net transport of the ions
through the hydrogel layer, no further growth of hydrogel (i.e., no net increase in Cu(OH)2
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colloids) occurs. The Cu2+ and Cu(OH)2 in the hydrogel layer are in hydrolysis and phase-
partitioning equilibria, as are Cu+ and Cu(OH). Hence, in addition to 𝒕𝒓𝒂𝒏𝒔 ≈ 0, 𝒈𝒆𝒍 ≈ 0.
If there were no other processes that could continuously remove the metal cations, the
overall metal oxidation would also stop; 𝑀1 and 𝑀2 would approach zero and also
consequently 𝑜𝑥, which must be the sum of 𝑀1 and 𝑀2 due to mass conservation.
However, while cupric species and cuprous species in the hydrogel layer are in quasi-redox
equilibrium, Cu+ and Cu(OH) precipitate and grow as Cu2O crystals. The 2nd steady state
(Stage 2) is reached when the net production rates of the intermediate products are
negligible and hence their concentrations remain nearly constant.
4.3.1.3 Stage 2
In Stage 2, the pHmeas remained at 5.00.1 with increasing 𝑡𝑐𝑜𝑟𝑟 and the purplish
oxide crystals on the surface grew in number and size (Figure 4-2). As discussed later, the
purplish oxide crystals were identified as Cu2O crystals with a thin outer layer of Cu(OH)2
hydrogel. In this stage, [Cu2+]𝑚𝑒𝑎𝑠 remained nearly constant, initially increasing slightly
to reach a maximum value, followed by a slow decrease. The maximum dissolved copper
concentration ([Cu2+]𝑚𝑎𝑥) was 4.90.3 mM for 𝑑𝑠𝑜𝑙 = 1.3±0.1 cm. As shown later, the pH
and [Cu2+]𝑚𝑎𝑥 values reached in Stage 2 were almost independent of 𝑑𝑠𝑜𝑙 (when 𝑑𝑠𝑜𝑙 ≥
1.3 cm). The observed [Cu2+]𝑚𝑎𝑥 value (Figure 4-2) is close to the solubility of Cu(OH)2
at pH 5.0 (Figure 4-3) [15].
In Stage 2 the main metal oxidation product is Cu2O crystals. The observed
time-dependent behaviours of the corrosion products prior to reaching Stage 2 indicate that
the Cu2O crystals are formed from cuprous species reduced from cupric species in the
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hydrogel layer. These observations thus indicate that the overall oxidation process of Cu0(m)
to Cu2O(crys) occurs in many elementary steps, including those that were occurring in earlier
stages (M1), (trans), (hydrolysis), (colloids), (hydrogel) and (M2), and a new additional
step of Cu2O crystal growth from Cu(OH) (step (Cu2O crys):
(Cu2O crys) 2 Cu(OH) ~ Cu2O(crys) + H2O (Eq. 4-23)
The overall oxidation process in Stage 2 is schematically presented in Figure 4-7.
In this stage of corrosion, some of the elementary steps occur in sequence and some
occur in parallel, which makes the already complex metal oxidation kinetics even more
complicated. Nevertheless, mass and charge must be conserved in Stage 2, as in the other
stages. At this 2nd steady state, the net rates of the elementary steps, (trans), (colloids) and
(hydrogel) are negligible, and the net rate of (M2) is the same as the rate of (Cu2O crys).
Hence, the boundary conditions for the rates of the individual steps in Stage 2 are:
 The overall metal oxidation rate must be same as the net rate of (M1) in Stage 2, as in
the previous stage. But in Stage 2, it must be the same as the net rate of (M2):
𝑜𝑥−𝑆2 ≈ 𝑀1−𝑆2 ≈ 𝑀2−𝑆2 (Eq. 4-24)
 The net metal oxidation current must be same in magnitude but opposite in sign to the
net oxidant reduction current in Stage 2, as in the previous stage:
𝑖𝑜𝑥−𝑆2 ≈ −𝑖𝑟𝑒𝑑−𝑆2 (Eq. 4-25)
But in Stage 2, there are two redox half-reactions of copper species and hence,
𝑖𝑜𝑥−𝑆2 = 2𝐹 ∙ 𝑀1−𝑆2 − |𝐹 ∙ 𝑀2−𝑆2| ≈ |𝐹 ∙ 𝑀2−𝑆2| (Eq. 4-26)
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Again it should be emphasized that the boundary conditions describe the relationships
between the different rates and do not say anything about the rate-determining step or the













































In Stage 2, the Cu2O growth rate represents the overall metal oxidation rate or
corrosion rate. However, quantifying the rate of oxide growth is difficult. The overall
production rate of Cu2+ in the bulk solution (or 𝑑𝑖𝑠𝑠) in Stage 1 was 0.14 mM/h when
𝑑𝑠𝑜𝑙 = 1.3±0.1 cm, corresponding to 11 g Cu/cm2/h. If the production of Cu2+ continued
at the same rate (the upper bounding rate) in Stage 2, the almost constant value of
[Cu2+]𝑚𝑒𝑎𝑠 in Stage 2 would mean that the precipitation rate of Cu2+ as Cu(OH)2 on the
surface was 11 g Cu/cm2/h. If the Cu(OH)2 is then subsequently reduced and converts to
Cu2O crystals uniformly across the surface, the average sizes of the Cu2O crystals grown
from 24 h to 96 and 168 h would be 1.5 and 3.0 m, respectively. What we observed was
that individual Cu2O crystals did not all grow at the same rate, nor were they distributed
uniformly across the metal surface. Therefore, it is difficult to determine the overall rate of
oxide growth and compare it with the upper bounding rate. Likewise, the overall weight
loss/gain or the net oxidation current at corrosion potential (𝐸𝑐𝑜𝑟𝑟) as a function of 𝑡𝑐𝑜𝑟𝑟
will not provide the overall oxide growth or metal oxidation rate in Stage 2.
Delineating the dynamics of copper corrosion during oxide growth stage requires a
mechanistic understanding of oxide crystal growth via precipitation of dissolved species.
We studied the oxide growth patterns in more detail by examining the changes in surface
morphology using optical microscopy and SEM. Figure 4-2 shows that the oxide crystals
seen in the SEM images of surfaces that have progressed to Stage 2 correspond to the
purple oxides in the optical images. Additional SEM images of surfaces that have
progressed to Stage 2 are presented in Figure 4-8.
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Figure 4-8: SEM micrographs with different magnifications of the surfaces and the FIB-
cut cross sections of copper coupons corroded for 96 h and 168 h in 5 mM H2SO4
solutions of thickness 1.3±0.1 cm. The rectangular boxes in the lower-magnification
SEM images indicate the areas where the high-magnification images were taken.
The Raman spectrum of the 168-h corroded surface and the EDS mapping of its
cross-section are presented in Appendix A. These analyses characterized the granular
oxides as Cu2O crystals. Pure Cu2O crystals are red while the colour of hydrated Cu2+ and
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Cu(OH)2 ranges from greenish blue to navy blue [21,23] (Figure 4-5). What we observed
in the optical images was large purplish crystals. A very thin Cu(OH)2 hydrogel layer is
difficult to detect by EDS (or Raman). It does not form a distinct shape and thus has no
distinct morphological features that can be observed easily by SEM either. The presence
of a very thin Cu(OH)2 hydrogel in the top surface layer was confirmed by XPS analysis
(the spectra and the analysis are presented in Appendix A). The fractions of CuI and CuII
species present in the top layer (~ 8 nm) determined by the XPS analysis were 58% and
42%, and they were present mostly as Cu2O and Cu(OH)2, respectively. Copper hydroxide
has a strong blue colour and its presence is more easily observed by optical microscope. A
blue Cu(OH)2 hydrogel layer over red Cu2O crystals gives the purple colour in the optical
images (see Figure 4-2). Thus, the combination of oxide/ hydroxide morphologies
observed using SEM and their colours observed via optical microscope can be used to
investigate the oxide growth mechanism during copper corrosion.
The optical and SEM images in Figure 4-2, Figure 4-4 and Figure 4-8 show that
by 24 h small granular oxides start forming in indented areas along the scratch lines and in
the previously stressed porous metal layers. By 48 h some individual Cu2O crystals have
grown larger and aggregated towards the coupon edges; by 96 h aggregates of relatively
similar sized Cu2O crystals have formed discrete bands while the surfaces between the
bands are smooth with randomly distributed small (submicron) seed crystals, and by 168 h
most of the surface is covered by large purple crystals, some as large as 100 m.
The observed time-dependent behaviours of dissolved copper and oxide deposits
indicate that in Stage 2 copper metal continually oxidizes and releases Cu2+ into the
interfacial region, but instead of diffusing to the bulk solution, the Cu2+ precipitates and
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grows into Cu2O crystals. The observed growth behaviour of Cu2O crystals indicates that
Cu2O seed crystals are formed via nucleation of Cu(OH)2 colloids [24], which aggregate
and form a hydrogel network [25]. These crystals then grow via adsorption and desorption
of Cu2+/Cu(OH)2 coupled with redox reactions between CuII and CuI species on their
surfaces. This mechanism is discussed in detail below.
Ionic salt crystals from a fixed amount of initially dissolved ions grow via a process
known as Ostwald ripening. In a typical Ostwald ripening process [26–33], the salt ions in
the interfacial region near the crystal surfaces are in quasi-adsorption and desorption
equilibrium between the dissolved and the oxide lattice-bound species, while the dissolved
ions can diffuse to and from the crystal surfaces and the bulk solution. The ratio of more
stable lattice-bound atoms to less stable adsorbed or surface atoms increases with the size
of the crystal. The net result is that small crystals get smaller while large crystals grow
larger. When all the dissolved ions are incorporated into the crystal lattice, the salt crystals
stop growing. (Note that at the final stage of crystal growth the ions are still in adsorption-
desorption dynamic equilibrium on the crystal surfaces but there would be no overall
dissolution of the crystals into the bulk solution.) A schematic representation of particle
growth by the Ostwald ripening process in solution phase is shown in Figure 4-9 [9].
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Figure 4-9: Representation of the Ostwald ripening process [9].
The Cu2O crystal growth on corroding surfaces in Stage 2 differs from the typical
Ostwald ripening process. The main differences are: (1) the overall amount of Cu2+ released
into the interfacial volume increases at a slow rate, but continuously, as metal oxidation
continues, (2) the main dissolved ion is Cu2+ whereas the crystal constituent ion is CuI, and
(3) the Cu2+ produced in the interfacial region by metal oxidation diffuses horizontally (in
a radial direction) across the metal surface, i.e., the overall diffusion of Cu2+ has a direction
(instead of the random walk assumed in a homogeneous solution phase). The combination
of these differences leads to the growth and aggregation of Cu2O crystals in discrete oxide
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islands (or bands) in periodic patterns, known as Liesegang bands [26,27]. The formation
of Liesegang bands of Cu2O crystals is described in more detail below.
The homogeneous synthesis of Cu2O crystals of various sizes and shapes from
solutions initially containing soluble Cu2+ has been extensively studied [34–39]. The
electrochemical synthesis of Cu2O by redox cycling has been also studied extensively [40–
42]. However, the exact mechanism for Cu2O particle growth and the factors controlling
the size and shape of crystals are still being debated. In the work presented here, Cu2O
crystal growth was negligible in Stage 1. It accelerated only after sufficient Cu2+ had been
dissolved and the bulk concentration approached the saturation limit at the pH reached.
These observations are consistent with Cu2O crystal growth from Cu2+ dissolved at a
saturation or supersaturation level. The sizes of Cu2O crystals had a bimodal distribution
and the difference between the average sizes of the peak distributions increased with 𝑡𝑐𝑜𝑟𝑟.
These observations indicate that Cu2O crystals grow not just by continuous adsorption and
reduction of Cu2+ that is produced by oxidation of Cu0(m), but also via Ostwald ripening. A
study [12] proposed “redox-assisted Ostwald ripening” for iron oxide crystal growth during
corrosion. We propose that the same redox-assisted Ostwald ripening is the underlying


































































When the bulk solution becomes saturated with Cu2+, net diffusion of Cu2+ from the
interface to the bulk solution is suppressed (i.e., 𝑡𝑟𝑎𝑛𝑠 = 𝑑𝑖𝑠𝑠 ≈ 0). By this time the
pHmeas has reached about 5.0. The combination of increasing [Cu2+]int and pH accelerates
the condensation of Cu2+ and OH as Cu(OH)2 colloids coupled with the reduction of
Cu2+/Cu(OH)2 to less soluble Cu+/Cu(OH) [43]. These processes induce nucleation of
mixed CuI/CuII hydroxides on the metal surface and formation of Cu2O seed crystals. While
the seed crystals are continuously produced, the Cu2O crystals also undergo redox-assisted
Ostwald ripening, in which individual Cu2O crystals grow by diffusion and adsorption-
desorption of Cu2+/Cu(OH)2 (and OH) onto the crystal surface, reduction of CuII to less
soluble CuI on the crystal surfaces, followed by lattice-bond formation of CuI (and O2–),
growing Cu2O crystals.
The surface morphologies that illustrate the growth of Cu2O crystals by
redox-assisted Ostwald ripening are shown in Figure 4-11. The upper SEM images show
that on the surface corroded for 72 h, nucleates or seed crystals tens of nm in size are
uniformly distributed over wider, more dissolved areas (or indented due to more dissolution
from active metal crystal planes in Stage 1), not only over the metal substrate but also over
the large crystals that have grown in these areas. On the other hand, near the boundary of
the indented zone, a few crystals have grown to sizes as large as tens of m. On the surface
corroded for longer (96 h), the optical images show several wide translucent patches within
which large Cu2O crystals tens of m in size are distributed randomly, while the
corresponding SEM images show that small submicron particles cover the areas
surrounding and on the surfaces of the large crystals, and both small and large crystals are
covered with dried-up, wafer-like hydrogel. As described earlier, the presence of a very
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thin layer of amorphous hydrogel on the top surface layer was confirmed by the XPS
analysis as well as the purple colour on the optical images.
Figure 4-11: (a) SEM images of the 72-h corroded surface, illustrating the bimodal size
distribution of Cu2O crystals grown by redox-assisted Ostwald ripening, and (b) optical
and SEM images of the 96-h corroded surface, showing dried-up wafer-like copper
hydroxide hydrogel.
In addition to the bimodal size distribution of individual Cu2O crystals it was also
observed that the larger crystals aggregated into discrete bands in concentric arc or ring
patterns, indicating that redox-assisted Ostwald ripening occurred in combination with
directional net diffusion of Cu2+/Cu(OH)2. The precipitation of Cu2+ as hydroxides from
115
the saturated volume allows for more oxidation of Cu0 to Cu2+. Thus, within the thin layer
of the hydrogel network, Cu2+ diffuses horizontally in a radial direction as Cu2+/Cu(OH)2
undergoes adsorption-desorption coupled with redox reactions between Cu2+/Cu(OH)2 and
less soluble Cu+/Cu(OH) on the growing Cu2O crystals. When a solution containing a
soluble species at a concentration close to its saturation limit transports through a slow
transport medium, such as porous rocks or gelatinous or hydrogel layers [12], the
precipitation-dissolution and transport kinetics can be strongly coupled, creating chemical
waves and periodic patterns known as Liesegang rings and bands [43,44]. Liesegang
phenomena typically arise when Ostwald ripening occurs in flowing solutions containing
salt crystal ions resulting in a simple pattern of alternating bands of precipitates containing
these ions with precipitate-free gaps in between [28,30–33]. In the corrosion of transition
metals, the oxide patterns can be more complicated if different stable oxides can be formed
[12]. See further discussion later.
The Liesegang bands of Cu2O crystals can be seen as the bands of purple crystals
in the optical images shown in Figure 4-2. Additional optical images showing Liesegang
patterns are presented in Figure 4-12. The purple bands appeared near the edges of the
copper coupons in the early stages of corrosion, but they near the centre at later times. The
oxide bands formed near the edges are in the shape of concentric arcs, whereas those near
the centre follow the direction of the polishing lines. In addition, smaller concentric
Liesegang rings were also observed randomly across the surface throughout the corrosion
process. The centres of these Liesegang rings were generally associated with the more
extensively dissolved areas (or pits) formed from inclusions or the carbide network; see
further discussion later. These observations are consistent with the proposed mechanism
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that the horizontal diffusion of Cu2+ combined with redox-assisted Ostwald ripening results
in Cu2O crystal growth and aggregation in Liesegang patterns. The appearance of the
Liesegang bands of different band widths and lengths at different places on the metal
surface and at various 𝑡𝑐𝑜𝑟𝑟 values is related to the rate of Cu(OH)2 hydrogel formation and
the direction of the net Cu2+/Cu(OH)2 diffusion within the hydrogel. Dynamic modelling
of metal oxide Liesegang band formation in a gelatin layer is under development [9] and
is being applied to model band formation during corrosion.
Figure 4-12: Aggregation of Cu2O crystals in Liesegang ring patterns observed on the
surface of a coupon corroded for 144 h (late in Stage 2) in a solution of thickness
1.3±0.1 cm.
The fact that Cu2O growth and aggregation occurs via redox-assisted Ostwald ripening and
a Liesegang banding process indicates that the spatial variations in morphology and
thickness of granular oxides observed cannot be attributed to the phase structures of copper
metal grains.
Near the end of Stage 2, most of the surface was covered with granular Cu2O oxides
and some of the individual Cu2O crystals (polycrystals) had grown very large, up to
100 m. [Cu2+]𝑚𝑒𝑎𝑠 also started decreasing with 𝑡𝑐𝑜𝑟𝑟 while −∆ H+ 𝑚𝑒𝑎𝑠 or pHmeas
remained nearly constant, indicating that Stage 3 had been reached.
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4.3.1.4 Stage 3
Figure 4-2 shows that by 168 h corrosion, the surface is fully covered by purple
oxides, and [Cu2+]𝑚𝑒𝑎𝑠 starts decreasing with 𝑡𝑐𝑜𝑟𝑟 while the solution pH (pHmeas) remains
at 5.00.1. On the surface the concentric Liesegang rings around the centre of the coupon
are still distinguishable but the bands have become very broad and the colour contrast
between the alternating Liesegang bands has diminished. The SEM images of the 168-h
corroded surface presented in Figure 4-8 show that the large Cu2O crystals start
undergoing net dissolution; the Cu2O crystals present on the surface corroded for shorter
durations have very smooth crystal faces, while those on the 168-h corroded surface show
terraces, steps, kinks, and even very narrow trenches cutting through the middle of large
crystals.
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Figure 4-13: SEM micrographs with different magnifications of the surfaces, and the
FIB-cut cross sections of copper coupons corroded for 840 h in 5 mM H2SO4 solutions of
thickness 1.3±0.1 cm.
The optical images of the surface corroded for 840 h show extensive coverage with
green oxide crystals (Figure 4-2). SEM images of surface and cross section of 840-h
corroded coupons are presented in Figure 4-13. The Raman spectrum of the surface and
the EDS elemental analysis map of the FIB-cut cross section of the surface are presented
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in Appendix A. These analyses indicate that the green oxides are cupric-hydroxide-sulfate
with a phase structure close to copper minerals such as brochantite (Cu(OH)23CuSO4)
[45]. Brochantite is green, its crystal structure is monoclinic, and it typically grows in a
platelet-like shape (most copper-hydroxide-anion crystals are green [45–48]). The Raman
shifts observed for the surface match those of brochantite and the Cu2O reference spectrum.
The SEM image of the cross-section and the EDS elemental mapping analysis indicate that
the overlying green platelet-like crystals are cupric-hydroxide-sulfate (Cu(OH)2nCuSO4)
while the layer below is mostly Cu2O, and the innermost layer is Cu metal. The EDS results
show some sulphur content in the Cu2O and the metal substrate, suggesting that the solution
containing SO42– had diffused to the stressed metal layer resulting in dissolution of metal
and subsequent growth of Cu2O, and also further into the intergranular boundaries in the
metal substrate (see Appendix A).
The SEM images of the cross-sections of the coupons corroded for different
corrosion times in Stage 2 (presented Figure 4-8) and Stage 3 (presented in Figure 4-13)
show relatively uniform boundaries between the metal substrate and the Cu2O layer for the
96 h and 168 h corroded samples, and between the Cu2O layer and the Cu(OH)2nCuSO4
layer for the 840 h corroded sample. These observations indicate that oxidation of Cu0m to
Cu2+/Cu(OH)2 followed by conversion to Cu2O crystals becomes suppressed, because large
Cu2O crystals start impeding the diffusion of reactants to and from the metal surface.
Without continuous production of Cu2+/Cu(OH)2, the Cu2O crystals that have grown stop
growing, and interact primarily with the bulk solution containing Cu2+ and SO42–. Crystal
growth via redox-assisted Ostwald ripening occurs, but to grow thermodynamically more
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stable Cu(OH)2nCuSO4 crystals at the expense of Cu2O crystals, as schematically shown
in Figure 4-14.
Figure 4-14: Crystal growth of thermodynamically more stable Cu(OH)2nCuSO4 during
copper corrosion.
4.3.2 Observed Effects of Solution layer thickness on Kinetic Stages
The time-dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 observed in
solutions of various thicknesses are presented in Figure 4-15. The optical and SEM images
of the surfaces corroded for different values of 𝑡𝑐𝑜𝑟𝑟 in solutions of thicknesses, 2.5±0.1
and 6.4±0.1 cm, are shown in Figure 4-16.
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Figure 4-15: [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 as a function of 𝑡𝑐𝑜𝑟𝑟 observed for copper
corrosion in stagnant 5 mM H2SO4 solutions of different thicknesses.
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Figure 4-16: Optical and SEM images of surfaces corroded for different durations in
5 mM H2SO4 solutions of thicknesses 2.5±0.05 cm and 6.4±0.1 cm.
At all solution thicknesses studied, the time profiles of [Cu2+]𝑚𝑒𝑎𝑠 and
−∆ H+
𝑚𝑒𝑎𝑠
 show the three characteristic dynamic stages that have been described in
detail previously: Stage 1, in which [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 increase linearly with
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𝑡𝑐𝑜𝑟𝑟, Stage 2, in which [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 stay almost constant with time, and
Stage 3, in which −∆ H+
𝑚𝑒𝑎𝑠
remains constant while [Cu2+]𝑚𝑒𝑎𝑠 decreases with 𝑡𝑐𝑜𝑟𝑟.
Solution layer thickness (𝑑𝑠𝑜𝑙) affected the durations of the individual stages, the rates of
increase of [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 in Stage 1, and the rate of decrease of [Cu
2+]𝑚𝑒𝑎𝑠
in Stage 3.
In Stage 1, the rate of increase of [Cu2+]𝑚𝑒𝑎𝑠 represents the dissolution rate (Eq.
4-6). Figure 4-15 shows that for a given solution layer thickness, the slopes of the
[Cu2+]𝑚𝑒𝑎𝑠 vs 𝑡𝑐𝑜𝑟𝑟 and the −∆ H+ 𝑚𝑒𝑎𝑠 vs 𝑡𝑐𝑜𝑟𝑟 plots are the same. 𝑟𝑑𝑖𝑠𝑠 in units of M/h
obtained from the slopes was inversely proportional to 𝑑𝑠𝑜𝑙 in Stage 1, except for the case
of solution thickness 0.25±0.05-cm. For all solution layer thicknesses, oxide growth was
negligible in Stage 1 (Figure 4-16). 𝑑𝑖𝑠𝑠 in units of g Cu/cm2/h thus represents the
overall metal oxidation or corrosion rate, 𝑜𝑥 (Eq. 4-6), and the observed value for 𝑜𝑥 in
Stage 1 was 11±1 g Cu/cm2/h or 13±1 nm Cu/h, independent of 𝑑𝑠𝑜𝑙. The dissolution
rates obtained from the linear slopes are summarized in Table 4-1.
The duration of Stage 1, determined by the time when the linear line of the
−∆ H+
𝑚𝑒𝑎𝑠
 vs 𝑡𝑐𝑜𝑟𝑟 plot at early times intersects with the steady-state line observed at
longer times, is plotted as a function of 𝑑𝑠𝑜𝑙 in Figure 4-17. While 𝑜𝑥 was almost
independent of 𝑑𝑠𝑜𝑙, the duration of Stage 1 was approximately proportional to 𝑑𝑠𝑜𝑙 with
the proportionality decreasing slightly with 𝑑𝑠𝑜𝑙. That is, the copper corrosion rate in small
volume, stagnant solutions does not change with 𝑑𝑠𝑜𝑙 but the overall corrosion damage
over the duration of Stage 1 increases with 𝑑𝑠𝑜𝑙. The implication of this conclusion is that
if corrosion occurs in a flowing solution where the dissolved Cu2+ concentration in the bulk
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solution cannot reach its saturation limit, metal dissolution would continue at the same rate
for a very long time, and the overall corrosion damage would be proportional to the service
lifetime of the copper component.
Also shown in the Figure 4-17 are the corresponding values of 𝑑𝑖𝑠𝑠 or 𝑜𝑥 in units
of g/cm2/h. The small dependence of 𝑑𝑖𝑠𝑠 on 𝑑𝑠𝑜𝑙 arises from the slower increase in the
bulk concentration of Cu2+ in larger solution volumes and consequent effect on the Cu2+
concentration gradient through the diffusion layer. As described earlier, the overall metal
oxidation rate in Stage 1 is controlled by the diffusion rate of Cu2+ from the interfacial
region, which is saturated with Cu2+ (i.e., the chemical activity of Cu2+ in the region is 1.0),
to the bulk solution (see the mechanism presented in Figure 4-6). The slightly slower 𝑑𝑖𝑠𝑠
for larger 𝑑𝑠𝑜𝑙 also resulted in the slightly smaller almost steady-state Cu2+ concentration
reached by the time the system reached Stage 2;
Figure 4-17: Duration of Stage 1 observed as a function of solution layer thickness, 𝑑𝑠𝑜𝑙.
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Table 4-1: The rates and the maximum yields of proton consumption and the near
steady-state concentrations during copper dissolution, observed as a function of solution
layer thickness.
Solution layer thickness (cm) 0.250.05 1.30.1 2.50.1 6.40.1
Duration of Stage 1 (h) 7 24±2 48±6 200±35
Rate Parameters at Early Times
−𝒅[H+]𝒕/𝒅𝒕 (M/h) 1503 905 241
𝒅 Cu2+
𝒕
/𝒅𝒕 (M/h) 1401 882 231
𝒅𝒊𝒔𝒔 (µg Cu/cm2/h) 11.20 14.20.3 9.10.3
Maximum Yields
Initial pH – Final pH 2.07 – 6.55 2.09 – 5.84 2.09 – 5.07 2.07– 5.43
−∆[H+]
𝒎𝒂𝒙
 (mM) 8.5 8.1 8.1 8.5
𝐍𝐞𝐚𝐫 𝐬𝐭𝐞𝐚𝐝𝐲 𝐬𝐭𝐚𝐭𝐞 Cu2+
(mM))
13±2 4.90.3 5.10.4 4.30.0
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Table 4-2: Elementary reactions involved in the overall Cu oxidation process.




Cu0(m)|z0 ⇌ Cu2+(solv)|z0 + 2 e 𝑴𝟏
trans Ion diffusion Cu2+(solv)|z0 ~~ Cu2+(solv)|z 𝒕𝒓𝒂𝒏𝒔
O-trans Ion diffusion O2|z ~~ O2|z0 𝑶−𝒕𝒓𝒂𝒏𝒔
Red Electron transfer
O2|z0 + 4 e + 2 H2O {⇌ H2O2|z0 + 2 e
+ 2 OH}|z0 ⇌ 4 OH|z0
𝑹𝒆𝒅
R-trans Ion diffusion OH|z0 ~~ OH|z 𝑹−𝒕𝒓𝒂𝒏𝒔
hydrolysis




Cu2+(solv) (+ 2 OH)  Cu(OH)2
colloids
hydrogel Hydrogel formation
Cu2+/Cu(OH)2 + Cu+/Cu(OH) ~
CuIxCuIIy(OH)z hydrogel
M2 Electron transfer
{Cu2+ + 2 OH ⇌ Cu(OH)2}z0 + e ⇌





2{Cu+ + OH ⇌ Cu(OH)} Cu2O +
H2O
𝑪𝒖𝟐𝑶
The optical and SEM images presented in Figure 4-16 show that formation of
granular deposits was negligible on the surfaces of the coupons corroded for different 𝑡𝑐𝑜𝑟𝑟
127
in Stage 1, in solutions of all thicknesses studied. Interestingly, while 𝑜𝑥 (µg Cu/cm2/h)
was almost independent of 𝑑𝑠𝑜𝑙 in Stage 1, and dissolution continued at this rate for longer
durations for larger values of 𝑑𝑠𝑜𝑙, the surfaces maintained the scratch line topographical
features created during polishing as 𝑡𝑐𝑜𝑟𝑟 increased, although they slowly became less
pronounced. These observations are consistent with the earlier claim that transport of Cu2+
(mostly in the form of Cu(OH)+) from the interface to the bulk solution contributes
significantly to the determination of the rate of overall metal oxidation in Stage 1.
The small difference in dissolution rate resulted in small differences in the near
steady-state [Cu2+] and [OH] reached in Stage 2 (Figure 4-2). These small differences in
[Cu2+] and [OH] can have a significant effect on the formation of Cu(OH)2
colloids/hydrogel, nucleation of mixed CuI/CuII hydroxide salts and Cu2O seed crystals,
and subsequent growth of Cu2O crystals, because the overall growth rate of ionic salt
crystals depends on the supersaturation levels of their ions. Earlier we described Cu2O
crystal growth in Stage 2 when 𝑑𝑠𝑜𝑙 = 1.3±0.1 cm via redox-assisted Ostwald ripening and
Liesegang phenomena (Figure 4-10). The same processes also occur during corrosion in
solutions of larger thicknesses. However, the lower concentrations of Cu2+ and OH in the
bulk solution shift the adsorption-desorption equilibrium of these ions on the growing
Cu2O crystal planes toward more desorption, and the redox equilibrium between CuI and
CuII on the surface toward more CuII formation. Consequently, we observed that the
number density and sizes of individual Cu2O crystals and the areas of oxide islands were
smaller on the surfaces corroded when 𝑑𝑠𝑜𝑙 = 2.5±0.05 cm, compared to when 𝑑𝑠𝑜𝑙 =
1.3 cm. As observed for 𝑑𝑠𝑜𝑙 = 1.3±0.1 cm, the metal surface in general also became
uniform in topographical elevation and all scratch line features were effaced by Stage 2.
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With a solution layer thickness of 6.4±0.1 cm, only low numbers of large Cu2O crystals
were observed while the metal surface in general had a very uniform topographical
elevation within each metal grain. The number density of Cu2O crystals was higher on the
surfaces of metal phase planes that had more dissolution. This observation is consistent
with previously reported studies on the dependence of the dissolution rate on the specific
crystal plane of copper [49–51]. In addition to the slightly different dissolution rates from
different metal planes, we also observed more dissolution from the grain boundaries. The
pits and trenches formed are because the metal dissolution (or solution diffusion) front
propagates at different rates in the perpendicular and horizontal directions at the grain
boundaries. This involves the same mechanism as for pit formation at inclusion sites; see
further discussion later.
Figure 4-18 shows the size of pits grown between the copper grain boundaries over
840 h (the end of Stage 2) when 𝑑𝑠𝑜𝑙 = 6.4±0.1 cm. For this solution layer thickness metal
dissolution (Stage 1) continues for 220 h, after which we think that overall dissolution is
suppressed significantly – the continuous redox equilibrium results predominantly in a
smoothing out of the surface. If we assume the dissolution rate from the active sites is twice
that of the general surface in Stage 1, and it continues to dissolve at the same rate in Stage 2
while dissolution from the general surface becomes negligible, the pit depth at 840 h when
𝑑𝑠𝑜𝑙 = 6.4±0.1 cm would be < 15 m (20 nm/h  840 h – 10 nm/h  220 h). If dissolution
from the pit also slows down somewhat in Stage 2 the depth would be smaller. (The
horizontal dissolution rate within the pit should be the same as the dissolution rate from the
general area outside the pit, but dissolution inside the pit continues in Stage 2 and
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dissolution from the general areas outside the pit should be suppressed significantly. If we
use this assumption the width would be < 9 m.)
Figure 4-18: SEM micrographs of the surfaces and the cross section  of copper coupons
corroded for different durations in 5 mM H2SO4 solution with thickness 6.4±0.1 cm, for
840 h and 1728 h.
As discussed earlier, in Stage 2, when the bulk concentration of Cu2+ is
approaching its saturation limit, the net transport of Cu2+ from the interface to the bulk
solution no longer occurs, i.e., 𝑡𝑟𝑎𝑛𝑠 = 𝑑𝑖𝑠𝑠 ≈ 0. Under these dynamic conditions,
overall metal oxidation can occur only at the rate of removal of Cu2+/Cu(OH)2 from the
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interfacial region by other chemical process. For copper, the overall chemical process is
the precipitation of Cu2+/Cu(OH)2 and its reductive conversion to Cu2O crystals.
The slower increase in [Cu2+]𝑚𝑒𝑎𝑠 and [OH] in solutions of larger 𝑑𝑠𝑜𝑙 also delays
the precipitation of seed crystals and growth of Cu(OH)2nCuSO4 crystals.
For all solution layer thicknesses studied the proton consumption rate
(−𝑑 H+
𝑡
/𝑑𝑡) was the same as the copper dissolution rate in Stage 1 (see Table 4-1).
However, during the transition from Stage 1 to Stage 2 proton consumption continued at
the same rate as in Stage 1 until most of the initially present protons were consumed and
the pH reached about 5.00.1, while the copper dissolution rate was reduced by about half
of the rate in Stage 1 (see Figure 4-15). The rates of proton consumption and copper
dissolution rates during the transition were also independent of 𝑑𝑠𝑜𝑙.
A corrosion rate that is almost solution-thickness-independent results in a slower
increase in [Cu2+(solv)]𝑡 in a solution with larger 𝑑𝑠𝑜𝑙. The solution-thickness-independent
value of [Cu2+(solv)]𝑚𝑎𝑥 is 4.90.3 mM and this value is about half of −∆ H+ 𝑚𝑎𝑥 which
was also observed to be independent of 𝑑𝑠𝑜𝑙. These observations support the proposed
mechanism consisting of elementary processes (Eq. 4-1), (Eq. 4-2), (Eq. 4-5) and (Eq. 4-
6). The main metal oxidation product is the cupric ion, and the overall chemical yield of
the full redox reaction (Eq. 4-1) is one cupric ion for each two protons consumed.
However, the initial net rate of oxidation of Cu0(m) to Cu2+(solv) is determined by the relative
rates of cupric ion transport (Eq. 4-2a) and hydrolysis (Eq. 4-5). In the pH range observed
in this study the main diffusing cupric ion is Cu(OH)+.
Note that Liesegang bands/rings do not form in the early stages of corrosion. They
are the result of what are referred to as “chemical waves”, and typically consist of
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alternating bands of precipitated materials with the regions in between them devoid of
precipitated material. The wave patterns initiate at a point (or line) in space, and propagate
with time, i.e., the number of rings and bands increases. The width of individual bands may
also increase with time, but more importantly, the boundaries between alternating bands
become more distinct [12]. On corroding copper surfaces, we observed two different types
of Liesegang bands/rings:
The first type of Liesegang band patterns are those that reflect macroscopic
topographical features of the surface. For this type, a well-developed wave pattern of Cu2O
aggregates begins to appear relatively early (near the end of Stage 1) and continues to
propagate throughout Stage 2. The initiation sites of these bands do not correlate with
pitting sites but rather with solution diffusion barriers (in the direction horizontal to the
metal surface). Under the studied conditions, this type of oxide wave pattern propagates to
cover very large areas by the end of Stage 2. Occasionally we see a type of Liesegang ring
with alternating bands of different sizes of Cu2O crystals in Stage 2, and alternating bands
of Cu2O and Cu-OH-SO4 crystals centring around objects protruding from the metal
surface (possibly SiC particles that were left on the surface during polishing and later
detached and redeposited on the hydrogel layer). The heights of the oxide bands can be as
large as hundreds of m, but these heights do not represent the thicknesses of metal
dissolution or metal loss. It is important to note that in this type of oxide wave pattern,
which is relevant to corrosion (or metal oxidation), the morphology and the topography of
the oxides are not due to spatial variations in the microstructure of the metal phase.
The second type of Liesegang patterns are concentric rings centred around narrow
pits (more extensively dissolved over localized areas a few m in diameter). These rings
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were typically observed in Stage 3, and consist of alternating rings of Cu2O and Cu-OH-
SO4 crystals. This type of oxide wave pattern was also observed near the end of Stage 2
for 𝑑𝑠𝑜𝑙 =1.3 cm at which time Cu2O crystal growth was extensive. For all studied solution
layer thicknesses, the boundaries of the alternating bands became more distinct with time
- compare the Liesegang rings formed in Stage 2 vs in Stage 3 when 𝑑𝑠𝑜𝑙 =1.3 cm. The
second type of oxide wave pattern starts developing later than the first type. The initiation
points of the oxide waves are pits formed earlier during corrosion. The cross-section images
of the areas near the oxide wave pattern centres observed in Stages 2 and 3 for








































































We also know that different copper grains dissolve at slightly different rates [51].
The gaps between the boundaries open up at a faster rate allowing water to diffuse further
into the metal substrate. This movement of water facilitates the transport of Cu2+ from the
metal surface into the bulk solution. This, in turn, prevents the formation and aggregation
of Cu(OH)2 colloids to form a hydrogel network, the Cu2+ transport barrier. At these sites,
metal dissolution may continue in Stage 2 at the same rate as in Stage 1. Note that when
𝑑𝑠𝑜𝑙 =1.3 cm, Stage 1 lasts less than 24 h. Therefore, the dissolution layer thickness
reached at the end of Stage 1 would be < 0.5 m on average. If dissolution occurs from the
active sites at twice the average rate, the difference in the thickness of the dissolution front
would be < 0.5 m. This is within the range of the thickness variation observed at 24 h,
and the boundary between the metal substrate and the Cu2O oxide layer is relatively
uniform. If we assume the same dissolution rates in Stage 2, the difference in dissolution
depth by 840 h would be ~9 m. If the dissolution rates from both sites slow down
proportionally the difference would decrease. The depth of the pit shown in Figure 4-19 is
about 6 m, which is of the same order as the calculated value. When we opened up the pit
to examine it after 840 h corrosion, it had begun to fill with Cu2O crystals, indicating that
𝑡𝑟𝑎𝑛𝑠 in the pit volume had slowed down to a similar rate to that of the general metal
surface before 840 h of elapsed corrosion time.
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Figure 4-20: Optical and SEM images of surfaces corroded for solution layer thicknesses
1.3 cm and 2.5 cm after 840 h and 6.4 cm after 1728 h in 5 mM H2SO4 solution.
Figure 4-20 shows the optical and SEM images of surfaces corroded for longer
durations in different solution layer thicknesses (Stage 3). The greater dissolution and
vertical diffusion of Cu2+ creates a discrete layer structure with a void volume between the
layers (they are not made of the same alternating bands but formed via the same Liesegang
process). The centre of the second type of oxide wave pattern is also relatively free of
oxides because of flowing solution at the mouth of the pit and the diffusion of Cu2+ (solute)
within the solution. Outside the pit, the mouth of the pit has the highest concentration of
Cu2+ as it has not had time to precipitate as hydrogel and convert to Cu2O or any other
oxide. However, as it diffuses out, it starts precipitating as oxides via redox-assisted
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Ostwald-ripening and Liesegang banding processes. The above mechanism can also
explain the progression of pits observed in solutions of larger thicknesses. For all solution
layer thicknesses, overall metal oxidation (dissolution + oxide growth) from the pits as well
as the general metal surface is significantly suppressed because of deposition of a
thermodynamically stable and electronically insulating Cu-OH-SO4 layer.
4.4 SUMMARY
In this chapter the corrosion dynamics of copper in solutions containing 5 mM
sulphuric acid (with an initial pH of 2.0), and the effect of solution layer thickness
(~ 0.25 to 6.4 cm) on Cu corrosion, were investigated. The corrosion kinetics were studied
by measuring the dissolved copper concentration ([Cu2+]𝑚𝑒𝑎𝑠) and the change in proton
concentration (−∆ H+
𝑚𝑒𝑎𝑠
), and also the morphology, chemical/elemental composition
and cross-section of oxides on the coupon surfaces, as a function of corrosion duration.
Small water volumes were chosen since they represent the conditions that a UFC will
experience in a DGR.
The time-dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 show three distinct
stages with characteristic dependences on 𝑡𝑐𝑜𝑟𝑟. In Stage 1, both [Cu2+]𝑚𝑒𝑎𝑠 and
−∆ H+
𝑚𝑒𝑎𝑠
 increased linearly with time at the same rate, while the coupon surface
remained clean. For 𝑑𝑠𝑜𝑙 ≥ 1.3 cm under stagnant conditions, the rate of increase of
[Cu2+]𝑚𝑒𝑎𝑠 was inversely proportional to 𝑑𝑠𝑜𝑙, while the duration of Stage 1 was
proportional to 𝑑𝑠𝑜𝑙. This inverse dependence of the rate of increase of [Cu2+]𝑚𝑒𝑎𝑠 on
𝑑𝑠𝑜𝑙 corresponds to a corrosion rate independent of 𝑑𝑠𝑜𝑙. When [Cu2+]𝑚𝑒𝑎𝑠 reached about
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½ of the initial [H+]0, the rate of increase of [Cu2+]𝑚𝑒𝑎𝑠 decreased significantly, while
−∆[H+]𝑚𝑒𝑎𝑠 continued to increase at the same rate, and Cu2O crystals began to grow on
the metal surface. After the transition stage, Stage 2 was reached once almost all the initial
[H+]0 had been consumed and hence, −∆[H+]𝑚𝑒𝑎𝑠 ≈ [H+]0. Both [Cu2+]𝑚𝑒𝑎𝑠 and
−∆[H+]𝑚𝑒𝑎𝑠 reached steady-state values while the Cu2O crystals grew in number density
and in size. The steady-state value of [Cu2+]𝑚𝑒𝑎𝑠 was at its saturation limit at the pH
reached in Stage 2. The durations of Stage 1 and Stage 2 were approximately proportional
to solution layer thickness for 𝑑𝑠𝑜𝑙 ≥ 1.3 cm under stagnant conditions.  When the surface
had become extensively covered with large Cu2O crystals, [Cu2+]𝑚𝑒𝑎𝑠 began to decrease.
In the final stage (Stage 3), −∆[H+]𝑚𝑒𝑎𝑠 did not change with 𝑡𝑐𝑜𝑟𝑟 while [Cu2+]𝑚𝑒𝑎𝑠
decreased, and the Cu2O crystals that had grown dissolved while copper hydroxy-sulfate
(CuIIx(OH)y(SO4)Z) crystals grew.
This study has demonstrated that Cu corrosion evolves rapidly in small stagnant
solution volumes. A mechanism that can explain the effect of solution parameters on
copper corrosion dynamics was proposed, and the key rate-determining step in each
dynamic stage identified. Initially (Stage 1), the corrosion process consists of
electrochemical oxidation of Cu0(m) to Cu2+(solv) at the metal surface, followed by diffusion
of Cu2+(solv) away from the site at which it was produced into the bulk solution. This study
has found that the corrosion rate in Stage 1 is controlled not by the oxidant reduction half-
reaction but the metal oxidation half-reaction, resulting in the constant corrosion rate
observed, even though the pH of the solution changed significantly with 𝑡𝑐𝑜𝑟𝑟. This study
has also found that for the metal oxidation half-reaction, the kinetics of the elementary
steps, interfacial charge transfer and mass transport, are not independent of each other. Due
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to systemic feedback, the interfacial charge transfer rate depends on the Cu2+ transport rate,
and vice versa. As a result, the overall corrosion dynamics evolve to a subsequent steady
state once the concentration of Cu2+ in the bulk solution has increased and has started to
affect the Cu2+ transport rate. As Cu2+ transport slows down, the saturated volume
increases, and Cu2+ starts to precipitate as Cu(OH)2. Cu2+(solv) at its saturation limit is in
hydrolysis and phase-partitioning equilibria with Cu(OH)2. The Cu(OH)2 precipitates
initially as small colloid particles. As Cu(OH)2 is hygroscopic, these particles then
aggregate to form a hydrogel network, which consists of a semi-stationary phase composed
of loosely connected Cu(OH)2 colloid particles and a mobile phase composed of solution
containing Cu2+ at its saturation limit. The hydrogel network impedes the overall transport
of cupric ion from the metal surface to the bulk solution but does not affect the transport
of dissolved oxidant(s). Hence, the rate of charge transfer and the rate of cation transport
are not equal. During the transition period (transition from Stage 1 to Stage 2), as the
Cu(OH)2 colloid concentration in the hydrogel increases with time, the CuII species
(Cu2+(solv) and Cu(OH)2) in the hydrogel are more easily reduced to less soluble CuI species
(Cu+(solv) and Cu(OH)), coupled with the oxidation of Cu0(m) to Cu2+(solv). The CuI species
in the hydrogel layer then precipitate and grow as Cu2O seed crystals.  In Stage 2, while
the seed crystals are being continuously produced, the Cu2O crystals grow via a redox-
assisted Ostwald ripening process, in which individual Cu2O crystals grow by diffusion
and adsorption-desorption of Cu2+/Cu(OH)2 (and OH) onto the crystal surface, and
reduction of CuII to less soluble CuI on the crystal surfaces, followed by lattice-bond
formation involving CuI (and O2). During this stage, [Cu2+]𝑚𝑒𝑎𝑠 does not increase
appreciably with time, while the growth of Cu2O crystals continues. Stage 3 occurs once
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the oxidation of Cu0 to Cu2+/Cu(OH)2 (leading to Cu2O crystal formation) becomes
suppressed by large Cu2O crystals which start to impede the diffusion of solution species
to and from the metal surface. Without continuous production of Cu2+/Cu(OH)2, the
existing Cu2O crystals cease growing, and interact predominantly with the bulk solution
containing Cu2+ and SO42. Crystal growth via redox-assisted Ostwald ripening occurs,
resulting in thermodynamically more stable copper hydroxy-sulfate (CuIIx(OH)y(SO4)Z)
crystals at the expense of Cu2O crystals.
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COMBINED EFFECTS OF ANION AND SOLUTION
LAYER THICKNESS ON COPPER CORROSION
DYNAMICS
5.1 INTRODUCTION
Predicting the evolution of Cu corrosion over long disposal time periods in DGR
environments is very challenging. Despite extensive studies [1–6], existing copper
corrosion models cannot explain many of the observed relationships between overall
corrosion damage and solution environment parameters. This makes it very difficult to
apply these existing corrosion rate models to predict the long-term integrity of the proposed
copper-coated carbon steel used fuel container (UFC) in DGR environments. The
environments that the UFCs will experience will vary considerably depending on DGR
site, but also evolve with time as corrosion progresses, which makes the development of a
dependable model all the more challenging. The work presented in this thesis was
performed to extract the rate parameters required to develop a high-fidelity model that can
predict the long-term evolution of the Cu corrosion rate as a function of solution
parameters.
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Corrosion is a complex overall process involving a series of elementary processes
which include electrochemical redox reactions, solution reactions, transport processes and
oxide particle nucleation and growth. To develop a mechanistic model that can predict the
evolution of copper corrosion in different solution environments, it is critical to be able to
decouple the elementary processes involved. Experiments were performed to determine the
effects of solution parameters such as pH, oxidant concentration, type of anion, and solution
layer thickness (𝑑𝑠𝑜𝑙), to extract copper corrosion rate parameters in the presence and
absence of -radiation. The meaningful parameters that can be measured during a slow
chemical process such as corrosion are the macroscopic (average) chemical properties.
Measured parameters such as [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 represent the bulk solution
properties and the surface (or oxide) morphology reflects the average chemical behaviour
in the interfacial region. Concurrent measurement of these macroscopic chemical
properties as a function of 𝑡𝑐𝑜𝑟𝑟 can provide information on the interaction between the
(electro-)chemical systems in the interfacial region and the bulk solution, and its evolution
as corrosion progresses.
The study presented in Chapter 4 investigated the effect of solution layer thickness
(𝑑𝑠𝑜𝑙) on copper corrosion in air-saturated, stagnant solutions initially containing 5 mM
H2SO4 (initial pHt=0 ~ 2.0). The results demonstrated that for a given 𝑑𝑠𝑜𝑙, copper
corrosion progresses through different dynamic stages. Initially (Stage 1) the overall metal
oxidation half-reaction occurs in two sequential elementary steps, oxidation of Cu0(m)
(bound to the bulk metal) to solvated Cu2+(solv) in the interfacial region, followed by
transport of Cu2+(solv) from the interfacial region to the bulk solution. The overall metal
oxidation rate (𝒐𝒙) in Stage 1 is constant. Thus, the average concentration of Cu2+(solv) in
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the bulk solution increases linearly with time (𝑡𝑐𝑜𝑟𝑟), while the formation of granular oxide
deposits on the surface is negligible. This stage lasts until the bulk concentration of
Cu2+(solv) approaches the solubility limit of Cu(OH)2 at the final pH reached (~ 5.5). The
previous study (Chapter 4) demonstrated that for 𝑑𝑠𝑜𝑙 ≥ 1.3 cm, the 𝑜𝑥 in Stage 1 was
independent of 𝑑𝑠𝑜𝑙, but the duration of Stage 1 increased proportionally with 𝑑𝑠𝑜𝑙.
When the bulk concentration of Cu2+(solv) approaches the solubility limit of Cu(OH)2,
transport of Cu2+(solv) from the interfacial region to the bulk solution is significantly
impeded. Cu2+(solv) in the interfacial region therefore has more chance to hydrolyze and
precipitate as Cu(OH)2, initially as colloids [7–9] which aggregate to form a hydrogel
network [9]. The term “hydrogel network” refers to a structure consisting of a semi-
stationary phase made of loosely connected Cu(OH)2 colloids and a mobile solution phase
containing Cu2+(solv) at its saturation level. Once the hydrogel spreads across the metal
surface, the CuII species (Cu2+(solv) and Cu(OH)2) in the hydrogel can be more easily
reduced to CuI species (Cu+(solv) and Cu(OH)) by coupling with the oxidation of Cu0(m) to
Cu2+(solv). The CuI species in the hydrogel layer then precipitate and grow as Cu2O crystals.
As the Cu(OH)2 colloids/aggregates form and are reduced to Cu2O crystals the net
production of Cu(OH)2 becomes zero and the overall metal oxidation system reaches a new
(pseudo-) steady state (Stage 2). In Stage 2, while the seed crystals are being continuously
produced, the Cu2O crystals grow via redox-assisted Ostwald ripening process, in which
individual Cu2O crystals grow by diffusion and adsorption-desorption of Cu2+/Cu(OH)2
(and OH) onto the crystal surface, and reduction of CuII to less soluble CuI on the crystal
surfaces, followed by lattice-bond formation involving CuI (and O2). Stage 3 occurs once
the oxidation of Cu0 to Cu2+/Cu(OH)2 (leading to Cu2O crystal formation) becomes
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suppressed as large Cu2O crystals start to impede the diffusion of solution species to and
from the metal surface. Without continuous production of Cu2+/Cu(OH)2, existing Cu2O
crystals cease growing, and interact predominantly with the bulk solution containing Cu2+
and SO42. Crystal growth via redox-assisted Ostwald ripening occurs, but results in
thermodynamically more stable Cu(OH)2nCuSO4 crystals at the expense of Cu2O crystals.
The work presented in this chapter investigates the effect of anion type on the
evolution of copper corrosion dynamics. The anions studied were SO42 and NO3. These
anions are present in the DGR groundwaters [10]. Nitrate can form in humid air and
condense at the surface [11]. These anions are also the conjugate bases of acids that are
commonly used in corrosion studies to control the solution pH. As discussed later in this
chapter, while pH influences corrosion behaviour primarily by affecting the hydrolysis rate
and solubility of dissolved copper ions, the anions do so by complexing with cupric and
hydroxyl ions and precipitating as stable cupric-hydroxide-anion (CuII-OH-X) salt crystals.
Some anions and their redox pairs such as NO3/NO2 are redox active and can couple with
the redox reactions between Cu0, CuI and CuII species, thereby influencing the evolution
of the copper corrosion dynamics.
The effect of anion (SO42 versus NO3) on copper corrosion was investigated in
solutions of cylindrical geometry. Solutions of 5 mM H2SO4 or 10 mM HNO3 were used,
giving and pHt=0 of close to 2.0. The copper corrosion dynamics were investigated by
analyzing the average bulk concentration of dissolved copper and the pH, to determine the
overall proton consumption, and the morphology of the corroded surface, as a function of
corrosion time (𝑡𝑐𝑜𝑟𝑟).
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For corrosion in cylindrical solutions, two thicknesses, 2.5±0.1 cm and 0.25±0.05
cm, were chosen because the findings from Chapter 4 indicated that under stagnant
conditions the solution volume of the interfacial region is negligible compared to the bulk
solution volume when 𝑑𝑠𝑜𝑙 ≥  1.3 cm, i.e., the thickness of the interfacial layer (𝑑𝑖𝑛𝑡) can
be assumed to be zero. In the work presented here, the interfacial region is defined as the
solution volume between the metal surface and the metal cation diffusion front, because
within this volume the metal cation can still participate in electron exchange with the metal.
The probability of a metal cation that has been transported into the bulk solution
participating in an electrochemical half-reaction is negligible.
When 𝑑𝑠𝑜𝑙 ≫ 𝑑𝑖𝑛𝑡, a detailed description of the (electro-) chemical potential and the
activities of redox species as a function of distance from the metal surface across the
interfacial layer is not necessary. A description of the average chemical behaviours in the
interfacial and bulk solutions is sufficient to describe the overall corrosion rate as a function
of bulk solution properties. This is not the case when 𝑑𝑖𝑛𝑡 is not negligible compared
to 𝑑𝑠𝑜𝑙.
5.2 EXPERIMENTAL
5.2.1 Materials and Solutions
The samples used were high purity copper coupons made from wrought copper
samples (provided by SKB, The Swedish Nuclear Waste Management Company, 99.9%
purity) with a surface area of 0.785 cm2. Before each experiment the coupons were polished
using silicon carbide papers with grit size 400, 800, and 1200, and 2500 in succession,
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washing with pure water and drying with argon gas between each grit size. The polished
coupons were then rinsed with Type I water and dried in a stream of argon.
The test solution used was 10 mM nitric acid (HNO3). No additives other than nitric
acid were used. The solution was prepared with water purified to a resistivity of
18.2 MΩcm using a NANO pure Diamond UV ultra-pure water system (Barnstead
International).
5.2.2 Test Procedures
In this chapter the immersion tests were performed by exposing only one surface
of the SKB coupons to the cylindrical test solution volume contained within a shrink tube.
The surface area of coupons were the same in all tests. The solution layer thickness (𝑑𝑠𝑜𝑙)
thus is represenative of the solution volume per surface area. Samples, i.e., the coupons
embeded in shirnk tubes, were placed in individual glass vials (schematic of sample set up
is shown in Figure 4-1 in Chapter 4 and in Figure 3-7 in Chapter 3). All solution
conditions studied in this chapter are summarized in Table 5-1.
Table 5-1: List of solution conditions presented in Chapter 5.

















The vials were sealed using a plastic cap was used during the test duration to avoid
water evaporation and ensure that while the cover gas was assumed to maintainremains at
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20% of oxygen for the entire test duration. The coupons were exposed to the solution for
periods of time ranging from 1 h to 1728 h.
5.2.3 Post-Test Analyses
Following exposure for the specified period, the coupon was removed from the test
vial, and the solution was collected and transferred to a 4 mL vial for pH measurement.
The pH (pHmeas) was measured using a ThermoScientific Orion 9110DJWP Double
Junction Micro-pH Electrode [10]. The accuracy of this Micro-pH Electrode was pH
0.02. To minimize the uncertainties in measurement of the pH changes, the pH of all
solutions were measured with the same instrument and following the similar calibration
procedure. After collecting the solution, the coupon were immediately rinsed with pure
water to remove the remnants of test solution from the coupon surface. The coupon was
then dried with Ar and stored in a vacuum chamber until surface analyses were performed.
5.2.3.1 Solution Analysis
For the solution analyses the test solution and the solution collected from rinsing
the coupon were combined for copper analysis using a PerkinElmer Avio 200 inductively-
coupled plasma optical emission spectrometer (ICP-OES). The samples were digested
using 2% nitric acid (trace analytical grade, (67-70%), Fisher Scientific) prior to analysis
to dissolve any colloidal particles present. The instrument was calibrated prior to each
analysis using standard solutions of copper sulfate (CuSO4) in 2% nitric acid.
5.2.3.2 Surface Analysis
The copper surfaces were analyzed by high-resolution optical microscopy using a
Leica DVM6 microscope using the same lighting settings for each sample. Optical
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microscopy was used in this study as it provides information about thin hydroxide/oxide
layers present on the surface due to the strong absorbance of visible light by copper
complexes. Additionally, optical images provide information on the overall corrosion
behaviour as the whole coupon surface can be seen at once.
The scanning electron microscopy (SEM) images, elemental distribution on the
copper surface by energy dispersive X-ray spectroscopy (EDX), and focused ion beam
(FIB) cross section cuts were obtained using a Hitachi S-4500 Field emission scanning
electron microscope equipped with a Quartz XOne EDX system or using a LEO (Zeiss)
1540XB FIB/SEM/EDX.
5.3 RESULTS AND DISCUSSION
5.3.1 Corrosion in Cylindrical Solutions Containing H2SO4 vs HNO3
Figure 5-1 compares the time-dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠, −∆ H+ 𝑚𝑒𝑎𝑠
and the morphology of the corroded surfaces observed in solutions with four different
combinations of anion type and solution layer thickness. The initial proton concentration
([H+]𝑡=0) was 8.1 mM ((pH)𝑡=0 = 2.09) for the H2SO4 and HNO3 solutions of thicknesses
2.5 cm and 8.48 mM (pHt=0 = 2.07) and 10.0 mM (pHt=0 = 2.0) for the H2SO4 and HNO3
solutions of thickness 0.25 cm, respectively.
In all studied solutions, [Cu2+]𝑚𝑒𝑎𝑠, −∆ H+ 𝑚𝑒𝑎𝑠 and the morphological features
progressed through distinct periods, each with its own characteristic time-dependence. The
changes in time-dependence of the concentrations or amounts of corrosion products
between these different periods indicate changes in the rate-determining step(s) (RDS) that
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control the overall corrosion rate. Thus, these periods of different time-dependences of
production of corrosion products will be referred to as dynamic stages.
Copper corrosion in open to air, stagnant solutions progresses through the same
dynamic stages irrespective of solution layer thickness and type of anion. However, the
solution parameters affect the rates of progression through individual stages and the overall
corrosion rates in individual stages. Of the two parameters, solution layer thickness had a
more significant effect on the progression in earlier stages, whereas the type of anion had
the more significant effect on corrosion dynamics in later stages. The progression of the
corrosion dynamics through the different stages in the H2SO4 and HNO3 solutions of
thickness 2.5 cm is compared first, followed by those in solutions of thickness 0.25 cm.
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Figure 5-1: Proton consumption, dissolved copper and surface morphology as a function
of corrosion duration for solution layer thicknesses 2.5±0.1 cm and 0.25±0.05 cm,
initially containing 5 mM H2SO4 or 10 mM HNO3. In the plots in the top row the dashed
lines represent the slopes of [Cu2+]𝑚𝑒𝑎𝑠 (or −∆ H+ 𝑚𝑒𝑎𝑠) vs 𝑡𝑐𝑜𝑟𝑟.
5.3.1a. H2SO4 vs HNO3 solutions of thickness 2.5 cm
The previous study of copper corrosion dynamics (Chapter 4) found that under
stagnant conditions the solution volume of the interfacial region is negligible compared to
the bulk solution volume when 𝑑𝑠𝑜𝑙 = 2.5 cm. Hence, a detailed description of the
(electro-) chemical potential and activity distribution across the interfacial layer is not
necessary; a description of the average chemical behaviours in the solutions of the
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interfacial region and the bulk phase suffices to describe the overall corrosion rate as a
function of bulk solution properties.
The observed time-dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠, −∆ H+ 𝑚𝑒𝑎𝑠 and surface
(or oxide) morphology presented in Figure 5-1 show that under stagnant conditions copper
corrosion progresses through more than one dynamic stage. The observed time-dependent
behaviours in the initial stage (Stage 1) are discussed first, followed by those of later stages.
Stage 1: In both 5 mM H2SO4 and 10 mM HNO3 solutions, [Cu2+]𝑚𝑒𝑎𝑠 and
−∆ H+
𝑚𝑒𝑎𝑠
 (= ∆[OH−]𝑚𝑒𝑎𝑠 ) increased nearly linearly with 𝑡𝑐𝑜𝑟𝑟 in the first 24 h, and the
ratio of ∆[OH−]𝑚𝑒𝑎𝑠 [Cu2+]𝑚𝑒𝑎𝑠⁄  was ~ 1.0. That is, the overall copper dissolution rate
was the same as the overall rate of proton consumption in this stage. The overall flux of
dissolution, 𝑑𝑖𝑠𝑠−𝑆1 in unit of g Cu/cm2/h, is also the same:
(𝒅𝒊𝒔𝒔−𝑺𝟏)𝒎𝒆𝒂𝒔 = 𝒅𝒔𝒐𝒍 ∙
𝒅 Cu2+ 𝒎𝒆𝒂𝒔 𝒕
𝒅𝒕




The dissolution rates in Stage 1 were also almost the same in H2SO4 and HNO3 solutions:
𝑑𝑖𝑠𝑠−𝑆1 in H2SO4  14 g Cu/cm2/h or 17±2 nm Cu/h
𝑑𝑖𝑠𝑠−𝑆1 in HNO3  14 g Cu/cm2/h or 16 nm Cu/h
The dissolution rates in the 2.5-cm deep solutions were:
𝑑 Cu2+ 𝑚𝑒𝑎𝑠 𝑡
𝑑𝑡
≈ 90±5and 87 M/h, in H2SO4 and HNO3, respectively.
In Stage 1, while copper dissolution was significant, the surfaces remained nearly free of
granular oxide deposits. The optical images in Figure 5-1, and the optical/SEM images
shown in Figure 5-2, show similar morphological progression in both H2SO4 and HNO3
solutions when 𝑡𝑐𝑜𝑟𝑟 < 48 h. These surfaces still show the topographical features of a
freshly polished surface and negligible presence of granular oxide deposits.
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Figure 5-2: Optical and SEM images for coupons corroded for different times in
different solutions with thickness 2.5±0.1 cm.
These observations indicate that the overall metal oxidation process in this early stage
occurs primarily in two elementary steps, net interfacial charge (metal atom/electron)
transfer at the metal-solution interface (step (M1)), followed by diffusion of the metal
cation from the interface (z  0) to the bulk solution (z  ) (step (trans)):
(M1): Cu0(m)|z0 ⇌ Cu2+(solv)|z0 + 2 e (Eq. 5-2)
(trans): Cu2+(solv)|z0 ~~ Cu2+(solv)|z (Eq. 5-3)
(M1-overall): Cu0(m)|z0  Cu2+(solv)|z + 2 e (Eq. 5-4)
The elementary steps are shown schematically in Figure 5-3 and are summarized in
Table 4-2 (in Chapter 4). Also shown in the figure and table are the elementary steps
involved in later stages, which will be discussed in detail later.
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The overall metal oxidation half-reaction is coupled with the overall oxidant
reduction half-reaction (O to R), which also occurs in multiple elementary steps. In this
study, the main oxidant is O2:
(O-trans):   O2|z  ~~ O2|z0 (Eq. 5-5)
(Red):        O2|z0 + 4 e + 2 H2O {⇌ H2O2|z0 + 2 e + 2 OH}|z0 ⇌ 4 OH|z0(Eq. 5-6)
(R-trans):  OH|z0 ~~ OH|z (Eq. 5-7)
(Red-overall): O2|z + 4 e + 2 H2O  4 OH|z (Eq. 5-8)
The oxidant reduction half-reaction is also schematically shown in Figure 5-3.
Mass and charge conservation during an overall chemical process dictates that the
overall rate of the metal oxidation half-reaction (𝒐𝒙) must be the same as the overall rate
of the oxidant reduction half-reactions (𝒓𝒆𝒅):
𝒐𝒙 = 𝒓𝒆𝒅 (Eq. 5-9)
This is a mass and charge balance equation and it is one of the most fundamental rate laws
that must be applied to the modelling of any corrosion dynamic system. However, the
equality of these rates does not mean that both half-reactions contribute equally to the
determination of the overall redox rate. Because each half-reaction occurs in more than one
elementary step, mass and charge conservation also dictates that when the overall rate of a
half-reaction becomes constant with time (steady state), the rates of the elementary steps
occurring in sequence must be the same as the overall rate [12,13]. Thus, when the metal
oxidation half-reaction reaches a steady state during Stage 1:
𝒐𝒙−𝑺𝟏 = 𝑴𝟏−𝑺𝟏 = 𝒕𝒓𝒂𝒏𝒔−𝑺𝟏 = const. (Eq. 5-10)
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where the subscript −𝑺𝟏 represents Stage 1. As described earlier for two coupled half-
reactions, the equality between the rates in this equation does not mean that both
















































In Stage 1, the rate of metal dissolution determined from the rate of increase of [Cu2+]𝑚𝑒𝑎𝑠
(Eq. 5-1) is the same as 𝒕𝒓𝒂𝒏𝒔−𝑺𝟏 and hence, the same as 𝒐𝒙−𝑺𝟏:
(𝒅𝒊𝒔𝒔−𝑺𝟏)𝒎𝒆𝒂𝒔 = 𝒕𝒓𝒂𝒏𝒔−𝑺𝟏 ≈ 𝒐𝒙−𝑺𝟏 (Eq. 5-11)
Similar constraints related to the kinetics of different elementary steps, arising from mass
and charge conservation, also apply to the overall rate of oxidant reduction.
The observed dissolution rate was nearly constant with time in Stage 1. In Chapter 4
it was observed that this rate was independent of solution layer thickness when 𝑑𝑠𝑜𝑙  ≥ 1.3
cm, in stagnant solutions. The work presented in this chapter shows that the overall copper
oxidation rate in Stage 1 is also independent of the anion type present when 𝑑𝑠𝑜𝑙 = 2.5 cm.
The duration of Stage  was also the same ( 48 h) in the H2SO4 and the HNO3
solutions which had the same initial pH (near 2.0) and a solution layer thickness of 2.5 cm
(Figure 5-1). The results presented in Chapter 4 indicated that the duration of Stage 1 is
nearly proportional to 𝑑𝑠𝑜𝑙 when pHt=0  2.0.
The key observations for Stage 1 can be summarized as: (i) although pH changes,
(𝒅𝒊𝒔𝒔−𝑺𝟏)𝒎𝒆𝒂𝒔 was nearly constant with 𝑡𝑐𝑜𝑟𝑟, (ii) the steady-state (𝒅𝒊𝒔𝒔−𝑺𝟏)𝒎𝒆𝒂𝒔 value
was independent of 𝑑𝑠𝑜𝑙 and type of anion present, and (iii) the duration of Stage 1 was
independent of type of anion but dependent upon 𝑑𝑠𝑜𝑙. These observations collectively
indicate that (𝒅𝒊𝒔𝒔−𝑺𝟏)𝒎𝒆𝒂𝒔 or 𝒕𝒓𝒂𝒏𝒔−𝑺𝟏 are not affected by the reduction half-reaction of
oxidant(s) as normally assumed [3,14].
The observations further indicate that 𝒕𝒓𝒂𝒏𝒔−𝑺𝟏 is not controlled by the bulk solution
concentrations, [Cu2+]𝑚𝑒𝑎𝑠 and [OH−]𝑚𝑒𝑎𝑠, when their concentrations are below the
solubility limit of Cu(OH)2. That is, the time-dependent behaviours of the measured
solution parameters, [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠, in Stage 1 are controlled by metal
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oxidation dynamics in the interfacial region, and not by the chemical and physical
environments of the bulk solution.
That the overall metal oxidation dynamics in Stage 1 are controlled by the chemistry
in the interfacial region is further supported by the observation that the ratio
−∆ H+
𝑚𝑒𝑎𝑠
/[Cu2+]𝑚𝑒𝑎𝑠 or ∆[OH−]𝑚𝑒𝑎𝑠/[Cu2+]𝑚𝑒𝑎𝑠 in Stage 1 was ~ 1.0. Charge
conservation in the overall redox reaction dictates that the total charge of metal cations
dissolved into the bulk solution must be the same as the total charge of H+ consumed (or
OH produced). The dissolved metal cation concentration at 1 h was already a few orders
of magnitude higher than the solubility of Cu(OH) at the pH measured at 1 h (see Figure
4-3 in Chapter 4 for the solubilities of Cu(OH) and Cu(OH)2 as a function of pH at 25 °C
calculated using computer code, Hydra/Medusa [15]). Hence, the ratio of 1.0 cannot be
attributed to the metal cation dissolved into the bulk solution being Cu+. The ratio of
∆[OH]meas/[Cu2+]meas being close to 1.0 indicates that as Cu2+ and OH are produced by
the metal oxidation and oxidant reduction half-reactions ((Eq. 5-2) and (Eq. 5-6)) and
transported from the interfacial region into the bulk solution ((Eq. 5-3) and (Eq. 5-7)), they
undergo hydrolysis reactions:
 (hydrolysis)  Cu2+ + 2 OH ⇌ Cu(OH)+ + OH ⇌ Cu(OH)2 ⇌ etc. (Eq. 5-12)
Hence, solvated cupric ion is present in chemical forms with different charges:
 Cu2+(solv)  Cu2+ + Cu(OH)+ + Cu(OH)2 (+ Cu(OH)3 at high pHs) (Eq. 5-13)
As Cu2+ and OH are produced and undergo hydrolysis, the chemical forms of cupric ion
in the interfacial region range from Cu2+ to Cu(OH)+ and Cu(OH)2. Hence, the average
160
charge of Cu2+(solv) that is transported from the interfacial region to the bulk solution is
~1.0, and the ratio of −∆ H+
𝑚𝑒𝑎𝑠
 to [Cu2+]𝑚𝑒𝑎𝑠 is 1.0.
The proposed mechanism for overall metal oxidation in Stage 1 consisting of two
sequential steps (M1) and (trans) (Figure 5-3) can explain all of the observed time-
dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠, −∆ H+ 𝑚𝑒𝑎𝑠 and surface morphology during the
initial stage of copper corrosion in air-saturated, stagnant solution initially containing either
5 mM H2SO4 or 10 mM HNO3 when 𝑑𝑠𝑜𝑙 = 2.5 cm. This mechanism is the same as
proposed in Chapter 4 to explain the effect of 𝑑𝑠𝑜𝑙 on copper corrosion in 5 mM H2SO4
solution in Stage 1.
A mechanism consisting of two sequential elementary steps, an interfacial charge
transfer reaction at the interface and solution transport of redox species, is commonly used
for determination of the overall corrosion rate [16,17]. However, for most existing
corrosion rate models, such a mechanism is typically applied to the overall oxidant
reduction half-reaction. That is, most existing corrosion rate models assume that because
𝑜𝑥 = 𝑟𝑒𝑑 under naturally corroding conditions, the dependence of 𝒐𝒙 on the chemical
and physical parameters of the solution is the same as that of 𝒓𝒆𝒅. As described earlier,
𝒐𝒙 = 𝒓𝒆𝒅 arises from the mass and charge conservation law of a chemical process and it
is thus true at any time (on a macroscopic time scale) during the process. However, it does
not mean that the kinetics of two coupled half-reactions, as a function of solution
parameters, are the same.
The kinetics of 𝑟𝑒𝑑 as a function of solution parameters can correspond to that of
𝑜𝑥 only if the reduction half-reaction is rate controlling for the overall redox reaction. The
results from the current and the previous studies indicate that even in Stage 1 it is the metal
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oxidation half-reaction that controls the rate of the overall electrochemical redox reaction.
If oxidant reduction is rate-controlling, 𝑜𝑥−𝑆1 should decrease exponentially as pH
increases. What we observed were: (i) 𝑜𝑥−𝑆1 remains nearly constant while pH increases
with 𝑡𝑐𝑜𝑟𝑟, (ii) 𝒐𝒙−𝑺𝟏 is independent of 𝑑𝑠𝑜𝑙 although pH increases less rapidly with 𝑡𝑐𝑜𝑟𝑟
for a larger 𝑑𝑠𝑜𝑙, and (iii) the ratio of −∆ H+ 𝑚𝑒𝑎𝑠 to [Cu
2+]𝑚𝑒𝑎𝑠 is ~ 1.0, constant with
𝑡𝑐𝑜𝑟𝑟, regardless pH and 𝑑𝑠𝑜𝑙.
These observations collectively confirm that even in Stage 1 the metal oxidation
half-reaction, and not the oxidant reduction half-reaction, is the rate-controlling process.
Consequently, to define the copper corrosion rate as a function of solution environmental
parameters, even at early times when solid oxide deposition on the surface is negligible
(Stage 1), one must establish the dynamics of the metal oxidation half-reaction, and not of
the oxidant reduction half-reaction, as a function of those parameters.
What we found from the current and previous studies is that 𝑜𝑥−𝑆1 is independent
of pH, type of anion, and 𝑑𝑠𝑜𝑙 when 𝑑𝑠𝑜𝑙 ≥ 1.3 cm under stagnant conditions, and that the
oxidation rate is 14±2 g Cu/cm2/h or 17±2 nm Cu/h.
The [Cu2+]𝑚𝑒𝑎𝑠, −∆ H+ 𝑚𝑒𝑎𝑠 and surface morphology observed in later stages show
characteristic time-dependent behaviours that are different from those of Stage 1.
Transition from Stage 1 to Stage 2: After [Cu2+]𝑚𝑒𝑎𝑠 reaches about ½ H+ 0 (at
approximately 24 h), −∆ H+
𝑚𝑒𝑎𝑠
 continues to increase with 𝑡𝑐𝑜𝑟𝑟 nearly at the same rate
observed in Stage 1. On the other hand, [Cu2+]𝑚𝑒𝑎𝑠 almost ceases to increase (or increases
at a significantly reduced rate). The optical and SEM images of the surfaces corroded for
24 h (Figure 5-2) still show some polishing line topographical features but also the
presence of granular oxides (Cu2O crystals).
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After 24 h, the time-dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠, −∆ H+ 𝑚𝑒𝑎𝑠 and the
surface morphology begin to diverge between the H2SO4 and HNO3 solutions. This
divergent behaviour is most pronounced in the surface morphology (Figure 5-1 and
Figure 5-2). In the H2SO4 solution, the individual Cu2O crystals were larger at 96 h than
at 48 h, and increasingly aggregated along the boundaries of polycrystalline copper grains,
while the rest of the surface was smoother. The observed Cu2O growth pattern indicates
that Cu2O crystals grow by “redox-assisted” Ostwald ripening [18–20]; see discussion
later.
At 72 h, there was more extensive coverage of the surface by Cu2O crystals for the
HNO3 solution than for the H2SO4 solution. After 72 h corrosion in HNO3 solution, the
Cu2O crystals were not aggregated along the boundaries of the copper metal grains, but
instead along the polishing lines, or in Liesegang patterns such as concentric rings and
repeated bands. Liesegang patterns of solid deposits are an example of a chemical wave
phenomenon which commonly occurs in nature e.g. in rock banding patterns and fungal-
colony formation [21–29]. These patterns are formed when solution containing soluble
species at a near saturation level diffuses through a slow transport medium (e.g., porous
rock) such that the adsorption/desorption or precipitation/dissolution kinetics can be
effectively coupled with the transport rate of the soluble species [30–32].
Stage 2: In both solutions, most of the H+
0
was consumed by ~96 h. Having reached




 no longer changed with 𝑡𝑐𝑜𝑟𝑟. In addition, [Cu2+]𝑚𝑒𝑎𝑠
did not change significantly with 𝑡𝑐𝑜𝑟𝑟, i.e., the overall metal dissolution rate in Stage 2 is
nearly zero: 𝒅𝒊𝒔𝒔−𝑺𝟐 ≈ 𝟎. On the metal surface, Cu2O crystal growth was significant while
growth of green CuII-OH-anion salt crystals was negligible (Figure 5-1 and Figure 5-2).
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The oxide growth pattern on the surfaces corroded in the HNO3 solution, which
began diverging from that corroded in the H2SO4 solution during the transition period,
continued to diverge further with 𝑡𝑐𝑜𝑟𝑟 throughout Stage 2. At all studied times (𝑡𝑐𝑜𝑟𝑟)
during the transition period and Stage 2, the number density of Cu2O crystals was larger,
but the size of the individual crystals was smaller, in the HNO3 solution than in the H2SO4
solution. However, in the HNO3 solution, the Cu2O crystals continued to grow for a much
longer period. In addition, in the HNO3 solution, Cu2O crystals began to aggregate in
Liesegang ring patterns by 72 h and the Cu2O ring bands became more discrete by 168 h.
The smaller Liesegang rings that were randomly distributed within the larger Liesegang
bands also became more abundant with increasing 𝑡𝑐𝑜𝑟𝑟. The centres of these oxide wave
patterns did not correlate with the microstructure of metal grains (see Figure 5-1).
The time-dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠 in the two solutions began to diverge
from each other during the transition period, and continued to diverge in Stage 2 and
beyond. In the H2SO4 solution, after [Cu2+]𝑚𝑒𝑎𝑠 increased slightly during the transition
period, reaching a maximum value (~ 4.5 mM), it decreased slowly for the remainder of
the test duration, reaching ~ 0 at 840 h (Stage 3). In the HNO3 solution, the [Cu2+]𝑚𝑒𝑎𝑠 in
Stage 2 fluctuated within ±0.6 mM about the average value of 5.2 mM, which was slightly
higher than the maximum value observed in the H2SO4 solution. However, in the HNO3
solution, [Cu2+]𝑚𝑒𝑎𝑠 increased very slowly over the duration of Stage 2, reaching a value
close to [H+]0, ~ 9.2 mM at 4320 h (6 months).
The observed time-dependent behaviours of −∆ H+
𝑚𝑒𝑎𝑠
, [Cu2+]𝑚𝑒𝑎𝑠 and the
surface morphology during the transition period and Stage 2 indicate that more elementary
steps than (M1), (trans) and (hydrolysis) are involved in the overall metal oxidation
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process, and that the main corrosion product is Cu(OH)2 colloids and/or hydrogel in the
transition period while it is Cu2O crystals in Stage 2.
The formation and growth of a Cu(OH)2 hydrogel during the transition period is
supported by the following observations. The pH increases more rapidly near the end of
Stage 1 and has a value close to 5 at the onset of Stage 2 (pH 5.8 in the H2SO4 solution
and pH 5.3 in the HNO3 solution). The solubility of cupric ion is 5 mM (~ ½ H+ 0 used in
this study) at pH 5.0 (Figure 4-3 in Chapter 4). When the bulk solution is saturated with
cupric ions, no further net transport of Cu2+(solv) from the interfacial region to the bulk
solution can occur (over macroscopic reaction time intervals), i.e., 𝑡𝑟𝑎𝑛𝑠 ≈ 0.
When 𝑡𝑟𝑎𝑛𝑠 → 0, overall metal oxidation would also become negligible if there was
no other removal pathway for Cu2+(solv) from the interfacial region; see Eq. 5-14. The
concentrations of Cu2+ and OH in the interfacial region ([Cu2+]int and [OH]int) are always
higher than those in the bulk solution. That is, when the bulk concentration of Cu2+(solv) is
near its saturation limit, [Cu2+]int is at or above the saturation level. As a result, the
hydrolysis equilibrium (step (hydrolysis)) in the interfacial region shifts to the formation
of the neutral species Cu(OH)2, and Cu2+(solv) begins to precipitate as solid Cu(OH)2. Cupric
hydroxide is hygroscopic and hence precipitates initially as colloids [7–9] which then
aggregate to form a hydrogel network [33]:
(colloids) Cu2+(solv) (+ 2 OH)  Cu(OH)2 colloids        (Eq. 5-14)
The hydrogel network consists of a semi-stationary phase made of loosely connected
Cu(OH)2 colloidal particles and a mobile solution phase containing Cu2+(solv) and OH. The
initiation of the hydrogel network production occurs more readily and earlier on the metal
sites where metal oxidation occurs faster, but even more so at the sites where diffusion of
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Cu2+(solv) and OH are greatly hindered. Once initiated, the hydrogel network very quickly
spreads horizontally in the interfacial region. That is, the interfacial region is filled with
the hydrogel network which, like porous rock, provides a very slow transport medium. As
the hydrogel spreads and covers the metal surface, the concentration of colloids within it
increases and diffusion of Cu2+(solv) within the mobile phase of the hydrogel layer slows
down. Hence, the Cu2+(solv) subsequently produced by (M1) will undergo precipitation-
dissolution on the stationary phase before it is transported out of the hydrogel layer. That
is, the formation of hydrogel on the metal surface further slows down the overall Cu2+(solv)
transport (step (trans)) from the metal surface to the bulk solution.
The concentration or chemical activity of CuII species (Cu2+(solv) and Cu(OH)2
colloids) in the hydrogel layer remains high at ~ 1.0 while that of CuI is initially negligible.
Hence, the CuII species also begin to reduce to CuI species (step (M2)) by coupling with
the oxidation of Cu0(m) to Cu2+(solv) (step (M1)) to approach redox equilibrium between
copper species in the interfacial region:
(M2) {Cu2+ + 2 OH⇌ Cu(OH)2}z0 + e ⇌ {Cu+ + OH⇌ Cu(OH)}z0 + OH  (Eq. 5-15)
(hydrogel) Cu2+(solv) (+ 2 OH)  Cu(OH)2 colloids  hydrogel (Eq. 5-16)
The cuprous ion is nearly insoluble and precipitates more easily than Cu2+, which increases
nucleation sites for Cu+ and Cu2+ with OH to precipitate as colloidal particles, further
stabilizing and accelerating the growth of a mixed CuI/CuII hydroxide hydrogel network.
Because (M2) is coupled with (M1) the hydrogel network spreads more quickly
horizontally than perpendicularly. As the concentration of CuI in the hydrogel network
increases, cuprous ions also precipitate as Cu2O crystals:
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(Cu2O)       2{Cu+ + OH ⇌ Cu(OH)} Cu2O + H2O (Eq. 5-17)
The growth of Cu2O and CuII-OH-X crystals and the conversion of Cu2O to CuII-OH-X
crystals are discussed in more detail later. The preceding discussion shows why after the
bulk solution has become saturated with Cu2+, overall metal oxidation involves many more
elementary steps in the interfacial region. In addition to the (M1), (trans), and (hydrolysis)
steps that were already occurring in Stage 1, (hydrogel), (M2) and (Cu2O) also occur
during the transition period and in Stage 2. The elementary steps are listed in Table 4-1
(in Chapter 4) and are schematically presented in Figure 5-3.
When the overall metal oxidation process involves these elementary steps, mass and
charge conservation dictate that:
𝑜𝑥 = 𝑀1 ≈ 𝑡𝑟𝑎𝑛𝑠 + ℎ𝑦𝑑𝑟𝑜𝑔𝑒𝑙 + 𝐶𝑢2𝑂 (Eq. 5-18)
During the transition period, the rates of the elementary steps, 𝑴𝟏, 𝒕𝒓𝒂𝒏𝒔, 𝒉𝒚𝒅𝒓𝒐𝒈𝒆𝒍 and
𝑴𝟐, are continuously changing with 𝑡𝑐𝑜𝑟𝑟, and these changes are not independent of each
other, as described above. Hence, 𝒕𝒓𝒂𝒏𝒔 decreases at progressively faster rates to zero,
while 𝒉𝒚𝒅𝒓𝒐𝒈𝒆𝒍 first increases and then decreases to zero and 𝑴𝟐 increases at
progressively slower rates to a near constant value. The overall metal oxidation dynamics
reach a new (pseudo-) steady state (Stage 2) when:
𝑡𝑟𝑎𝑛𝑠−𝑆2 ≈ 0, ℎ𝑦𝑑𝑟𝑜𝑔𝑒𝑙−𝑆2 ≈ 0 and 𝑀2−𝑆2 ≈ constant (Eq. 5-19)
In Stage 2, mass and charge conservation further dictates that:
𝑡𝑟𝑎𝑛𝑠−𝑆2 ≈ (𝑑𝑖𝑠𝑠−𝑆2)𝑚𝑒𝑎𝑠 ≈ 0      (Eq. 5-20a)
𝑀2−𝑆2 ≈ 𝐶𝑢2𝑂−𝑆2     (Eq. 5-20b)
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𝑜𝑥−𝑆2 = 𝑀1−𝑆2 ≈ 𝐶𝑢2𝑂−𝑆2 (Eq. 5-20c)
These rate relationships adequately explain the negligible dissolution while the continuous
growth of Cu2O crystals observed over the duration of Stage 2.
In Stage 2, the overall rate of metal oxidation (𝒐𝒙−𝑺𝟐) is approximately equal to the
rate of Cu2O crystal growth (𝑪𝒖𝟐𝑶−𝑺𝟐). Unfortunately, the precise Cu2O growth rate in
Stage 2 would be difficult to determine accurately by electrochemical analysis techniques
because overall metal oxidation involves a combination of interfacial charge transfer and
solution reactions and the former occurs in more than one step, (M1) and (M2). The mass
and charge balanced rate equation during metal oxidation in Stage 2 shows that:
𝑜𝑥−𝑆2 = 𝑀1−𝑆2 ≈ 𝑀2−𝑆2 (Eq. 5-21)
𝑗𝑜𝑥−𝑆2 = 𝑗𝑀1−𝑆2 − |𝑗𝑀2−𝑆2| ≠ 𝑛𝐹 ∙ 𝑜𝑥−𝑆2 (Eq. 5-22)
Because the Cu2O crystals grow via Ostwald-ripening and Liesegang phenomena, the
growth of Cu2O is also not uniform across the metal surface or even across the smaller
surface areas of individual copper metal grains. It is therefore also difficult to determine
by oxide thickness measurement. Nevertheless, the observation that the formation of Cu2O
crystals becomes significant only after the solution has become saturated with Cu2+
indicates that the precursor for the Cu2O crystal growth is precipitation of Cu(OH)2
hydrogel.
The formation of a Cu(OH)2 hydrogel is also consistent with the observed Cu2O
crystal growth patterns. As described earlier, the observed patterns indicate that the Cu2O
crystals have grown and aggregated via “redox-assisted” Ostwald-ripening and Liesegang
phenomena as described in detail in Chapter 4 [18,24–29,34,35].
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Transition from Stage 2 to Stage 3: Beyond 168 h, the corrosion product analyses
were performed only at one more 𝑡𝑐𝑜𝑟𝑟, 840 h corrosion in the H2SO4 solution and 4320 h
(6 months) in the HNO3 solution. Hence, the duration of Stage 2 and/or the time-dependent
behaviours of corrosion products could not be determined quantitatively. However,
differences in their behaviours in the H2SO4 vs the HNO3 solution could be observed. In
the H2SO4 solution, [Cu2+]𝑚𝑒𝑎𝑠 had already begun to decrease by 168 h and some of the
Cu2O crystals that had grown large had started dissolving, showing terraces and kinks on
their surfaces. By 840 h (Stage 3), most of the Cu2O crystals had dissolved away and been
replaced by green CuII-OH-SO4 crystals while the [Cu2+]𝑚𝑒𝑎𝑠 decreased to nearly zero.
On the other hand, the duration of Stage 2 was much longer in the HNO3 solution.
No significant conversion of Cu2O to CuII-OH-NO3 crystals was observed even after 6
months. The [Cu2+]𝑚𝑒𝑎𝑠 at 6 months was not zero either, but close to [H+]0 (~ 9.2 mM),
about twice the [Cu2+]𝑚𝑒𝑎𝑠 at 168 h.
Stage 3: This stage is characterized by negligible overall metal oxidation, with the
time-dependent behaviour dominated by chemical conversion between corrosion products
(conversion of dissolved Cu2+ and Cu2O crystals to CuII-OH-SO4 crystals). This stage was
observed only in the H2SO4 solution over the test duration of 168 h. In the HNO3 solution,
even after 6 months of corrosion, the surface was extensively covered with Cu2O crystals,
with green CuII-OH-NO3 crystals only beginning to appear in localized areas.
The observations that [Cu2+]𝑚𝑒𝑎𝑠 started decreasing earlier, and the Cu-OH-anion
crystals started growing earlier, in the H2SO4 solution than in the HNO3 solution are
consistent with what is expected from the different Ksp values of CuII-OH-anion complexes.
For example, the Ksp values of 2Cu(OH)2Cu(SO4) (Antlerite) [36] and 3Cu(OH)2Cu(SO4)
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(Bronchantite) are 10-48.3 and 10-69.8, respectively [37], and that of Cu2NO3(OH)3 (Rouaite)
is 0.3  10-31 [38]. That is, for the same [Cu2+], [OH] and [Xm] in the bulk solution,
copper-hydroxyl-sulfate is expected to precipitate more readily and earlier than copper-
hydroxyl-nitrate. For example, the bulk concentrations observed in this study were: [Cu2+]
 5  10-3 M, [OH]  1  10-9 M, [SO42]  5  10-3 M and [NO3]  1  10-2 M. The
concentration product, [Cu2+]3[OH]4[SO42]  6.210-46 which is greater than the Ksp of
Antlerite, whereas [Cu2+]2[OH]3[NO3]  2.5  10-34 which is much smaller than the Ksp
of Rouaite.
In both H2SO4 and HNO3 solutions, the overall production of CuII-OH-anion crystals
became significant only after individual Cu2O crystals had grown large. In the H2SO4
solution not only subsequently dissolved Cu2+ but also most of the Cu2O crystals grown
earlier had dissolved and converted to CuII-OH-SO4 crystals by 840 h. These observations
further support that while Cu2O and CuII-OH-anion crystals grow due to metal oxidation
during copper corrosion, they are also undergoing “redox-assisted Ostwald ripening.
As described earlier, when the bulk concentration, [Cu2+]𝑚𝑒𝑎𝑠, is near the solubility
limit of Cu(OH)2, the concentration of Cu2+(solv) in the interfacial region is at saturation
point or slightly supersaturated. Cu2+(solv) and OH can therefore readily precipitate on the
Cu2O crystal surfaces. Cu2O crystals are semiconductors and, CuII species can thus easily
reduce to CuI (step (M2)) on the surfaces of Cu2O crystals that have been growing on the
metal substrate, by coupling with the oxidation of Cu0(m) to Cu2+(solv) (step (M1)). That is,
(M2) occurs as easily on the surfaces of semiconducting Cu2O crystals as on the surface of
conducting metal when its coupled half-reaction (M1) does not become the rate
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determining step. Being nearly insoluble, the CuI formed on the crystal surface is easily
incorporated into the growing crystal (step (Cu2O)).
Thus, Cu2O crystals continue to nucleate and grow in the Cu(OH)2 hydrogel network,
beginning near the end of Stage 1. The earlier a seed crystal of Cu2O forms, the larger it
will have grown at a given 𝑡𝑐𝑜𝑟𝑟. When overall metal oxidation and hence, step (M2), is
not negligible, seed crystals form continuously. However, as the seed crystals form, they
also undergo “redox-assisted” Ostwald ripening. As a result, the seed crystals dissolve and
reprecipitate on the Cu2O crystals that have been growing longer and are consequently
larger, which allows the large crystals to grow yet larger while clearing the metal surface
of smaller crystals, making it appear smoother.
However, the net reduction of Cu2+/Cu(OH)2 to Cu2O slows down as the Cu2O
crystals grow large. Hence, when individual Cu2O crystals have grown large near the end
of Stage 2, the Cu2+ and OH near the crystal surfaces can complex with anions more easily
than be reduced to Cu2O:
(CuII-OH-X) (𝑥 + 𝑚𝑦) Cu2+ + 2 x OH + 2y Xm  x Cu(OH)2my CuX (Eq. 5-23)
Cupric-hydroxyl-anion salt crystals are thermodynamically more stable than Cu2O.
Consequently, although the overall production of cupric-hydroxyl-anion salt from copper
metal oxidation is very slow, most of the Cu2O crystals initially formed will eventually
dissolve and be converted to CuII-OH-X crystals.
Although the time-dependent behaviours of the corrosion products in both solutions
were similar in Stage 1, the duration of Stage 2, in which the overall corrosion process is
to grow Cu2O crystals, is much longer for the HNO3 solution than for the H2SO4 solution
and the number density of the Cu2O crystals is also significantly higher. These observations
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indicate that if copper corrosion can progress to Stage 2, nucleation and growth of Cu2O
crystals are accelerated in the HNO3 solution because the NO3/NO2 redox reactions [39]
can couple with the redox reactions between Cu2+/Cu(OH)2 and Cu(OH)/Cu2O:
(a) Oxidation of Cu2O to Cu2+ coupled with reduction of NO3 to NO2:
 {2 Cu(OH) ⇌ Cu2O + H2O} + 2 H2O  (Cu2+ + 2 OH ⇌ Cu(OH)2) + 2 H+ + 2 e
 2 NO3 + 2 H+ + 2 e  2 NO2 + 2 H2O
 {2Cu(OH)⇌Cu2O + H2O}+ 2 NO3(Cu2+ + 2 OH⇌Cu(OH)2) + 2 NO2(Eq. 5.24)
(b) Reduction of Cu2+ to Cu2O coupled with oxidation of NO2 to NO3
 (Cu2+ + 2 OH ⇌ Cu(OH)2) + 2 H+ + 2 e  {2 Cu(OH) ⇌ Cu2O + H2O} + 2 H2O
 2 NO2 + 2 H2O  2 NO3 + 2 H+ + 2 e
 (Cu2+ + 2OH ⇌ Cu(OH)2)+ 2 NO2{2 Cu(OH)⇌Cu2O + H2O}+ 2NO3(Eq. 5.25)
The full redox reaction of (a) and (b) is:
 {2 Cu(OH)⇌Cu2O + H2O}+ 2NO3⇌(Cu2+ + 2 OH⇌Cu(OH)2) + 2 NO2 (Eq. 5.26)
5.3.1b. Copper corrosion in H2SO4 vs HNO3 solution of 0.25 cm in thickness
The time-dependent behaviours of the corrosion products presented in Figure 5-1
show that the overall copper corrosion dynamics in solutions of thickness 0.25 cm progress
through distinct periods with characteristic time-dependent behaviours, as for solution
layer thickness 2.5 cm. However, there were some differences in the time-dependent
behaviours and the durations of individual kinetic stages.
The average chemical behaviours in the interfacial volume and the bulk solution was
used to describe the overall corrosion rate as a function of bulk solution parameters. This
concept, often referred to as the constantly stirred tank reactor (CSTR) concept [40,41], no
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longer applies when 𝑑𝑖𝑛𝑡 is not negligible compared to 𝑑𝑠𝑜𝑙. The previous study
(Chapter 4) found that when 𝑑𝑠𝑜𝑙 = 0.25 cm under air and stagnant conditions, the
corrosion products dissolved or dispersed in the solution phase of the interfacial region
contribute significantly to the measured average bulk concentrations, [Cu2+]𝑚𝑒𝑎𝑠 and
−∆[H+]𝑚𝑒𝑎𝑠. Consequently, their time-dependent behaviours cannot be interpreted based
on the CSTR concept. For example, for copper corrosion in an H2SO4 solution,
(𝑑𝑖𝑠𝑠−𝑆1)𝑚𝑒𝑎𝑠 is independent of 𝑑𝑠𝑜𝑙 when 𝑑𝑠𝑜𝑙 ≥  1.3 cm. Hence, the duration of Stage 1
increases with 𝑑𝑠𝑜𝑙. However, this linear relationship breaks down when 𝑑𝑖𝑛𝑡 is not
negligible compared to 𝑑𝑠𝑜𝑙 (see Chapter 4). Hence, in the work in this chapter the effect
of type of anion on copper corrosion dynamics was also investigated in solutions of
thickness 0.25 cm.
Observed time-dependent behaviours of corrosion products: The results presented
in Figure 5-1 show that for 𝑑𝑠𝑜𝑙 = 0.25 cm, after only 1 h corrosion in both H2SO4 and
HNO3 solutions (while the surfaces were still free of granular hydroxide/oxide deposits)
[Cu2+]𝑚𝑒𝑎𝑠 had already reached a value close to ½ [H+]0 or higher. The overall proton
consumption also increased more rapidly in the solutions of smaller thickness. However,
−∆[H+]𝑚𝑒𝑎𝑠 reached a final value equal to [H+]0 after 1 h in the HNO3 solution while it
took a little bit longer, (between 1 – 18 h), to reach the final value in the H2SO4 solution.
(Note that chemical measurements at reaction times less than 1 h are not meaningful for
slow interfacial mass transfer processes.)
These results indicate that Stage 1, in which (𝒅𝒊𝒔𝒔−𝑺𝟏)𝒎𝒆𝒂𝒔 ≈ constant with 𝑡𝑐𝑜𝑟𝑟,
was very short, and the transition from Stage 1 to Stage 2 began before 1 h of corrosion
time had elapsed. The previous study (Chapter 4) showed that when 𝑑𝑠𝑜𝑙 ≥  1.3 cm
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(hence, 𝑑𝑠𝑜𝑙 ≫ 𝑑𝑖𝑛𝑡), 𝒐𝒙−𝑺𝟏 ≈ (𝒅𝒊𝒔𝒔−𝑺𝟏)𝒎𝒆𝒂𝒔 (in units of mol Cu2+/cm2/h) is independent
of 𝑑𝑠𝑜𝑙, while the duration of Stage 1 is proportional to 𝑑𝑠𝑜𝑙. The duration of Stage 1 was
~ 24 h in both solutions when 𝑑𝑠𝑜𝑙 = 2.5 cm. The linear relationship between the duration
of Stage 1 and 𝑑𝑠𝑜𝑙 predicts that the duration of Stage 1 should be ~ 2.4 h when
𝑑𝑠𝑜𝑙 = 0.25 cm. The observed duration is much shorter because of the larger contribution
of chemical behaviours in the interfacial region to the measured bulk average chemical
behaviours, as described above.
In addition to the earlier commencement of the transition away from Stage 1, the
time-dependent behaviours of the corrosion products during the transition period were
also different. Earlier we showed that when 𝑑𝑠𝑜𝑙 = 2.5 cm, the time-dependent behaviours
of corrosion products in the H2SO4 and HNO3 solutions (and particularly the evolution of
surface morphology) began to diverge from each other near the end of Stage 1. In the 0.25-
cm deep solutions, the divergent behaviours were clearly seen in the dissolved products as
well as the oxide deposits. The [Cu2+]𝑚𝑒𝑎𝑠 at 1 h was slightly higher in the H2SO4 than in
the NO3 solution, 6.5 mM vs 5.5 mM, respectively. After 1 h, [Cu2+]𝑚𝑒𝑎𝑠 continued to
increase, reaching a maximum of ~ 13 mM by 48 h in the H2SO4 solution, while it increased
slightly to a maximum of ~ 6.5 mM by 24 h in the HNO3 solution. The proton consumption
behaviours in the two solutions were also different; −∆[H+]𝑚𝑒𝑎𝑠 reached its final value
([H+]0) later in the H2SO4 than in the NO3 solution.
on, within 18 h and 1 h, respectively. (Once reaching the value of [H+]0,
−∆[H+]𝑚𝑒𝑎𝑠 remained at this value for the remainder of the test duration in both solutions.)
In the H2SO4 solution, the Cu2O crystals had grown extensively and aggregated
along the polishing lines by 24 h, and by 48 h the surface had become fully covered by
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Cu2O crystals. In the HNO3 solution, Cu2O growth began earlier and was more extensive
at these earlier times; by 6 h Cu2O crystals had aggregated along the polishing lines as well
as in concentric rings, and the surface became fully covered by 24 h. In both solutions, the
time at which the surface became fully covered by Cu2O crystals coincided with
[Cu2+]𝑚𝑒𝑎𝑠 reaching its maximum value.
Stage 2, in which the main metal oxidation product is Cu2O crystals (i.e., negligible
net metal dissolution or net hydrogel growth), was also reached much earlier in solutions
of smaller thickness, within 24 h and 48 h in the HNO3 and the H2SO4 solutions,
respectively. The number of Cu2O crystals growing during the transition period and Stage
2 was also significantly greater for smaller thickness, and greater in HNO3 than in H2SO4
for each thickness.
The Cu(OH)2 hydrogel does not have a rigid solid structure, and is therefore
difficult to detect by observing morphological changes. However, Cu2O crystals are red
(slight variation in hue and intensity depending on size) and Cu(OH)2 is blue. Due to its
intense colour, the presence of a thin layer of Cu(OH)2 is more easily recognized in the
optical images than in the SEM images. The optical images in Figure 5-1 show that the
oxide crystals grown in solutions of smaller thickness are more bluish than those grown in
solutions of greater thickness. This more bluish colour indicates that the concentration of
Cu(OH)2 in the hydrogel layer is higher for 𝑑𝑠𝑜𝑙 = 0.25 cm than for 𝑑𝑠𝑜𝑙 = 2.5 cm. As
discussed in detail later, earlier formation of the hydrogel network leads to earlier growth
and a higher number density of Cu2O crystals.
For the 0.25 cm thickness solution, the durations of Stage 1 and the transition from
Stage 1 to Stage 2 were shorter than for 2.5 cm thickness; however, the duration of Stage 2
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was longer. In the H2SO4 solution, [Cu2+]𝑚𝑒𝑎𝑠 decreased slowly with 𝑡𝑐𝑜𝑟𝑟 over Stage 2
for the solutions of both thicknesses. However, the rate of decrease was much slower for
𝑑𝑠𝑜𝑙 = 0.25 cm; [Cu2+]𝑚𝑒𝑎𝑠 was not negligible even at 1728 h and at 840 h there were
significant quantities of Cu2O crystals on the surface, but only a thin layer of CuII-OH-SO4
crystals. In comparison, for 𝑑𝑠𝑜𝑙 = 2.5 cm, [Cu2+]meas was negligible and most of the Cu2O
crystals had dissolved and converted to CuII-OH-SO4 crystals by 840 h. That is, copper
corrosion had reached Stage 3 by 840 h for 𝑑𝑠𝑜𝑙 = 2.5 cm, whereas for 𝑑𝑠𝑜𝑙 = 0.25 cm, at
the same time, it was only beginning to transition from Stage 2 to Stage 3.
Corrosion mechanism: The time-dependent behaviours of the corrosion products
([Cu2+]𝑚𝑒𝑎𝑠, −∆[H+]𝑚𝑒𝑎𝑠 and oxide deposits) observed in the solutions of thickness
0.25 cm are consistent with the mechanism proposed to explain those observed in solutions
of thickness 2.5 cm (Figure 5-3 and Table 4-2 in Chapter 4). However, 𝑑𝑠𝑜𝑙 affects the
rates of progression through the dynamic stages and the overall corrosion rates in later
stages.
For solution thickness 0.25 cm, Stage 1 was shorter, and the transition from
Stage 1 to Stage 2 began earlier. In Stage 1, the overall metal oxidation process occurs
primarily in two elementary steps, (M1) and (trans); 𝒕𝒓𝒂𝒏𝒔−𝑺𝟏 is constant as corrosion
progresses, and 𝑜𝑥−𝑆1 ≈ 𝑀1−𝑆1 ≈ 𝑡𝑟𝑎𝑛𝑠−𝑆1 ≈ (𝑑𝑖𝑠𝑠−𝑆1)𝑚𝑒𝑎𝑠 ≈ constant (Eq. 5-10).
When 𝑑𝑠𝑜𝑙 = 0.25 cm, 𝑜𝑥−𝑆1 is the same as in 2.5 cm thickness solutions, but the bulk
solution concentration of Cu2+(solv) increases very rapidly. Hence, the concentration
gradient of Cu2+(solv) from the interfacial region to the bulk solution begins to change earlier.
That is, 𝑡𝑟𝑎𝑛𝑠 does not stay constant for long but begins to decrease earlier, leading to
earlier formation of a Cu(OH)2 hydrogel network (step (hydrogel)).
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The earlier formation of the Cu(OH)2 hydrogel can explain the difference in the
time-dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠 and −∆[H+]𝑚𝑒𝑎𝑠 observed in the transition
period for the two different solution layer thicknesses. When 𝑑𝑠𝑜𝑙 ≥  1.3 cm, the rates of
increase in [Cu2+]𝑚𝑒𝑎𝑠 and ∆[OH−]𝑚𝑒𝑎𝑠 in Stage 1 are independent of 𝑑𝑠𝑜𝑙, and the ratio
∆[OH−]𝑚𝑒𝑎𝑠/[Cu2+]𝑚𝑒𝑎𝑠 in Stage 1 was also ~ 1.0, also independent of 𝑑𝑠𝑜𝑙. However,
the ratio increased during the transition period, reaching ~ 2.0 in Stage 2, also independent
of 𝑑𝑠𝑜𝑙 for both solutions. Earlier we proposed that the change in the ratio from 1.0 to 2.0
over the transition period occurs because as the Cu(OH)2 hydrogel network spreads across
the metal surface, overall transport of Cu2+(solv) from the metal surface through the hydrogel
network to the bulk solution decreases, while that of H+ or OH is not significantly affected.
When 𝑑𝑠𝑜𝑙 = 0.25 cm, the bulk average concentration of Cu2+(solv) ([Cu2+]𝑚𝑒𝑎𝑠)
was already near 6 mM (> ½ [H+]0) at 1 h, indicating that the solution in the interfacial
region had been saturated prior to 1 h. As discussed earlier, the concentrations of Cu2+(solv)
and OH in the interfacial region are higher than those in the bulk solution, and the
hydrolysis equilibrium in the interfacial region shifts from the formation of Cu2+ to
Cu(OH)+ and further to Cu(OH)2(solv) as the concentrations of Cu2+(solv) and OH increase
(step (hydrolysis)) (see Table 4-2 in Chapter 4). Upon saturation, Cu2+(solv) and OH are
also in phase-partitioning equilibrium with Cu(OH)2(solid) colloids (step (Colloids)). Hence,
hydrolysis followed by precipitation of Cu(OH)2 initially as colloids in the interfacial
region begins early in solutions of smaller thickness. As the concentration of Cu(OH)2
colloids in the interfacial region increases, they begin to aggregate and grow as a hydrogel
network (step (hydrogel)).
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Being hygroscopic, Cu(OH)2 colloids are easily dispersed in the solution phase in
the interfacial region and then transported out to the bulk solution when the Cu2+(solv)
transport is not significantly hindered (i.e., prior to the formation of a hydrogel layer on the
metal surface). When a significant fraction of the cupric ion dissolved or dispersed in
solution is Cu(OH)2, the ratio ∆[OH−]𝑚𝑒𝑎𝑠/[Cu2+]𝑚𝑒𝑎𝑠 can be lower than 2.0, as low as 0.
Mass and charge conservation dictate that the overall oxidation of one Cu0(m) to one CuII
species consumes one H+ (or produces one OH) only if the product is Cu(OH)+. Hence,
when 𝑑𝑠𝑜𝑙 = 2.5 cm the ratio in Stage 1 was near 1.0 because the average chemical form
of Cu2+(solv) is Cu(OH)+, as discussed earlier. When 𝑑𝑠𝑜𝑙 = 0.25 cm, the ratio
∆[OH−]𝑚𝑒𝑎𝑠/[Cu2+]𝑚𝑒𝑎𝑠 in the H2SO4 solution changed from 1.0 to 0.7 during the
transition period also because Cu(OH)2 colloids contribute significantly to [Cu2+]𝑚𝑒𝑎𝑠
while the colloids have not yet aggregated to form the hydrogel layer on the metal surface.
On the other hand, in the HNO3 solution the ratio of ∆[OH−]𝑚𝑒𝑎𝑠/[Cu2+]𝑚𝑒𝑎𝑠 quickly
reached ~ 2.0 because of the faster growth and stabilization of the Cu(OH)2 hydrogel
network. As discussed earlier, the reduction of CuII to CuI in the interfacial region
accelerates the aggregation of Cu(OH)2 colloid particles which in turn accelerates the
reduction. Hence, once the Cu(OH)2 colloids aggregate and start growing a hydrogel
network, the hydrogel network spreads across the surface, leading to earlier suppression of
the dispersion of Cu(OH)2 colloids into the solution phase.
The earlier and faster reduction of CuII to CuI in the interfacial region also
accelerates the formation of seed crystals of Cu2O and their subsequent growth. Hence, the
shorter the solution layer thickness, the shorter the transition from Stage 1 to Stage 2,
and Stage 2 thus starts earlier, and the number density of Cu2O crystals at the onset of
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Stage 2 is also higher. For a given 𝑑𝑠𝑜𝑙, the transition from Stage 1 to Stage 2 also occurs
more rapidly in the HNO3 than in the H2SO4 solution because the redox half-reaction
between NO3/ NO2 can be strongly coupled with the oxidation half-reaction of Cu0(m) to
Cu2+(solv) (step (M1)) and the reduction half-reaction of CuII species to CuI species (step
(M2)), see reactions 5-16).
In Stage 2, the overall metal oxidation process involves many elementary steps
including (M1), (trans), (hydrogel), (M2) and (Cu2O) (see Table 4-1 in Chapter 4).
However, in this stage the net rates of (trans) and (hydrogel) become negligible (𝑡𝑟𝑎𝑛𝑠 ≈
0,hydrogel ≈ 0). Hence, the overall metal oxidation rate can be approximated by the Cu2O
growth rate, 𝑜𝑥−𝑆2 ≈ 𝑀1−𝑆2 ≈ Cu2O−𝑆2, where Cu2O−𝑆2 ≈ 𝑀2−𝑆2 (see Eq. 5-20). As
discussed above, Stage 2 is reached earlier in a solution of smaller thickness, and earlier in
HNO3 than in H2SO4 for a given thickness, because of the earlier formation and faster
spread of the Cu(OH)2 hydrogel. The earlier and faster growth of hydrogel not only reduces
the time to reach Stage 2, but also affects the overall metal oxidation rate in Stage 2
because the kinetics of (M1) and (Cu2O) (and other steps) are not independent of each
other even though 𝑜𝑥−𝑆2 ≈ 𝑀1−𝑆2 ≈ Cu2O−𝑆2.
In the solutions of 𝑑𝑠𝑜𝑙 =2.5 cm, the average [Cu2+(solv)] and [OH] in the interfacial
region increase more slowly, and ℎ𝑦𝑑𝑟𝑜𝑔𝑒𝑙 and 𝑀2 (≈ Cu2O−𝑆2) are slow during the
transition period. By the time the system reaches Stage 2, the steady state concentration of
Cu(OH)2 colloids in the hydrogel network is lower (less bluish on the optical images),
leading to less significant nucleation of Cu2O seed crystals (smaller number of purple
crystals). In comparison, when 𝑑𝑠𝑜𝑙 = 0.25 cm the Cu(OH)2 hydrogel is formed earlier and
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faster, consistent with the observations of a higher number of Cu2O crystals on the surface
and the more bluish colour of the crystals due to the thicker Cu(OH)2 hydrogel layer.
When Cu2O crystals have grown sufficiently large, no net change in Cu2O or
Cu2+(solv) occurs and overall metal oxidation becomes negligible. Without further metal
oxidation, the Cu2O crystals that had grown continue to undergo the “redox-assisted”
dissolution-precipitation process but without any additional Cu2+(solv). Hence, the net result
is the slow dissolution of Cu2O crystals to Cu2+(solv) (the reverse of the Ostwald-ripening
phenomenon), while the dissolved Cu2+(solv) now can complex with OH and X and
precipitate as the thermodynamically more stable and more insulating CuII- OH-X crystals.
Because of the earlier and more extensive growth of Cu2O crystals, the conversion of Cu2O
crystals to CuII-OH-X crystals is slower and takes much longer in solutions of smaller
thickness. Hence, in the H2SO4 solution, once Stage 2 had been reached, [Cu2+]𝑚𝑒𝑎𝑠
decreased slowly with 𝑡𝑐𝑜𝑟𝑟 for both thicknesses, taking much longer to approach ~ 0 in
solutions of smaller thickness. In addition, on the surfaces corroded for 840 h, significant
quantities of Cu2O crystals were still present when 𝑑𝑠𝑜𝑙 = 0.25 cm, while Cu2O formation
is negligible.
5.4 SUMMARY
In this chapter the effect of anion type (SO42 and NO3) on the evolution of copper
corrosion was investigated. The copper corrosion dynamics were investigated in solutions
of cylindrical geometry with two different thicknesses, by analyzing the average bulk
concentration of dissolved copper, the overall proton consumption, and the morphology of
the corroded surface, as a function of corrosion time (𝑡𝑐𝑜𝑟𝑟). Sulfate and nitrate anions were
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chosen since they are present in the DGR groundwaters and are also the conjugate bases of
acids commonly used to control the solution pH in corrosion studies.
Copper corrosion progresses through the same dynamic stages irrespective of
solution layer thickness and type of anion. As described in Chapter 4, Stage 1 involves
the oxidation of Cu0(m) to solvated Cu2+(solv) in the interfacial region, followed by transport
of Cu2+(solv) to the bulk solution, and this stage lasts until the bulk concentration of Cu2+(solv)
approaches the solubility limit of Cu(OH)2. Once this solubility limit is reached, the
Cu2+(solv) in the interfacial region hydrolyzes and precipitates as Cu(OH)2 hydrogel on the
surface. Once the Cu(OH)2 gel has formed, the CuII species (Cu2+(solv) and Cu(OH)2) can
easily reduce to CuI species (Cu+(solv) and Cu(OH)) by coupling with the oxidation of Cu0(m)
to Cu2+(solv). The CuI species in the hydrogel layer then precipitate and grow as Cu2O seed
crystals (transition to Stage 2). In Stage 2, the overall corrosion process is the growth of
Cu2O crystals. Seed crystals are continuously produced, and the Cu2O crystals grow
concurrently via a redox-assisted Ostwald ripening process, in which individual Cu2O
crystals grow by diffusion and adsorption-desorption of Cu2+/Cu(OH)2 (and OH) onto the
crystal surface, and reduction of CuII to less soluble CuI on the crystal surfaces, followed
by lattice-bond formation involving CuI (and O2). Stage 3 is characterized by negligible
overall metal oxidation, with the time-dependent behaviour dominated by chemical
conversion between corrosion products (conversion of dissolved Cu2+ and Cu2O crystals
to CuII-OH-SO4 crystals). Crystal growth via redox-assisted Ostwald ripening occurs,
resulting in thermodynamically more stable Cu(OH)2nCuSO4 crystals at the expense of
Cu2O crystals.
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The solution parameters affect the rates of progression through individual stages and
the overall corrosion rates in individual stages. Of the two parameters studied in this
chapter, solution layer thickness had a more significant effect on the progression in earlier
stages, whereas the type of anion had the more significant effect on the corrosion dynamics
in later stages. In Stage 1, the corrosion rate was independent of 𝑑𝑠𝑜𝑙 and the type of anion.
The duration of Stage 1 was independent of type of anion but dependent upon 𝑑𝑠𝑜𝑙.
Although the time-dependent behaviours were similar in HNO3 and H2SO4 solution in
Stage 1, the transition to Stage 2, the duration of Stage 2, and the oxide growth pattern
in Stage 2 were different. In HNO3 solution the number density of Cu2O crystals was
higher than in the H2SO4 solution, but the size of the individual crystals was smaller. In
HNO3 solution the Cu2O crystals continued to grow for a much longer period and aggregate
in Liesegang ring patterns, and the Cu2O ring bands became more discrete over time. The
transition to Stage 2 also occurred more rapidly in the HNO3 than in the H2SO4 solution,
since the nucleation and growth of Cu2O crystals are accelerated in the HNO3 solution,
because the NO3/NO2 redox reactions can couple with the redox reactions between
Cu2+/Cu(OH)2 and Cu(OH)/Cu2O. Stage 3 was observed only in the H2SO4 solution for the
test duration of these experiments (840 h). In the HNO3 solution, even after 6 months of
corrosion, the surface was extensively covered with Cu2O crystals, with green CuII-OH-
NO3 crystals (the first signs of Stage 3 behaviour) only beginning to appear after 6 months.
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6 CHAPTER 6
EFFECT OF GAMMA RADIATION ON THE
EVOLUTION OF COPPER CORROSION
6.1 INTRODUCTION
In the DGR, the UFC and its environment will be exposed to a continuous flux of
ionizing radiation (-radiation in particular) emitted from decaying radionuclides in the
used fuel [1]. The dose rate anticipated at the external surface of a thin-walled (Mark II)
container would be ~2.3 Gy/h for fuel 10 years after removal from the reactor, decaying to
~0.02 Gy/h after 200 years (where 1 Gy = 1 J/kg) [2]. In the initial few hundred years after
emplacement in the DGR, the radiation dose at the copper surface will still be significant.
During this period, the container will experience a number of exposure environments,
ranging from humid air with no condensed H2O on the Cu surface to humid air in
equilibrium with bulk water or droplets/films [3].
The energy of -photons emitted from the decay of radionuclides is less than 10 MeV.
When these -photons pass through matter, they transfer their energy to it by colliding with
bound electrons and ionizing the atoms and molecules on their paths. The main mechanism
of energy transfer from a -photon to matter with which it interacts is via Compton
scattering. In Compton scattering the interaction of a -photon with an atom or a molecule
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present on its path causes ejection of an electron and the -photon is scattered with reduced
energy. The most probable Compton scattering events are near 0% or near 100% energy
transfer. The Compton-scattered electron (for near 100% energy transfer) has a very high
energy and behaves like a -particle, undergoing a series of collisions with the bound
electrons of other molecules along its path. Each photon collision thus results in the
ionization or excitation of 2-3 molecules. Unlike for low energy electromagnetic radiation
(light), energy transfer from a -photon to a molecule is not affected by the chemical nature
of the molecule but only by the number density of bound electrons, which is nearly
proportional to molecular mass. Because the interaction is indiscriminate, radiation-
induced processes are considered to be solvent-oriented and not solute-oriented.
The -radiation interacts with the UFC, water condensed on the surface of the
container, and the humid air in the environment, as shown Figure 6-1.
Figure 6-1: Chemical environment the UFC will be exposed to in the DGR.
Radiation energy absorbed by metal containers dissipates as heat without inducing
chemical changes in the metal [4,5]. However, when ionizing radiation is present, water
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condensed on the surface of the container is decomposed to redox-active species such as
H2O2 and •OH [4] (Eq. 6-1);
H2O 

 OH, eaq, H, H2, H2O2, H+                                                      (Eq. 6-1)
and humid air radiolysis produces HNO3 that eventually dissolves into the small volume
stagnant water layer [5] (Eq. 6-2),
N2, O2, H2O 

 •H, •OH, •N, •O, H2, O2, H2O2, O3, NOx, HNO3 (Eq. 6-2)
Dissolution of nitric acid into water droplets affects the corrosion behaviour primarily
through its effect on the pH. The production of strong oxidants can change the solution
redox properties and subsequently affect the corrosion behaviour of the copper coating [4–
6]. Depending on the nature of the corroding system, hydrogen peroxide can act as either
an oxidant or a reductant [7,8]. Consequently, in the presence of H2O2, a catalytic cycle
between different redox reactions can alter the overall metal oxidation rate. Therefore, it is
important to understand the effect of these redox-active species on copper corrosion in
order to predict the long-term corrosion behaviour of the UFC.
The effect of-radiation on the corrosion of copper and other metals under different
solution and environmental conditions and different dose rates has been previously studied
using coupon tests and electrochemical techniques [9–13]. The kinetics of water radiolysis
and humid air radiolysis as a function of solution parameters are well understood [14,15].
The evolution of Cu2O morphology during copper corrosion in the presence of gamma-
radiation has been investigated previously [3]. However, the effect of the continuous
production of water radiolysis and humid air radiolysis products on the progression of
copper corrosion still needs to be investigated.
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In Chapter 4, the time-dependent behaviour of copper in air-saturated, stagnant
solutions initially containing 5 mM H2SO4, and the effect of solution layer thickness (𝑑𝑠𝑜𝑙)
were investigated. In Chapter 5, the effect of anion type (SO42 and NO3) on the evolution
of copper corrosion dynamics in solutions of cylindrical geometry with two different
thicknesses, was investigated. The results show that copper corrosion progresses through
more than one dynamic stage irrespective of solution layer thickness and type of anion.
The proposed corrosion mechanism, which can explain the effect of these parameters on
copper corrosion, is shown in Figure 6-2 (reproduced from Chapters 4 and 5) is
summarised in the following paragraphs.
In Stage 1, the overall metal oxidation process occurs primarily in two elementary
steps, oxidation of Cu0(m) to solvated Cu2+(solv) in the interfacial region, followed by
transport of Cu2+(solv) from the interfacial region to the bulk solution. During Stage 1, the
average concentration of Cu2+(solv) in the bulk solution increases linearly with time, while
the formation of granular oxide deposits on the surface is negligible. This stage lasts until
the bulk concentration of Cu2+(solv) approaches the solubility limit of Cu(OH)2 when the
final pH (~ pH 5.5) is reached. Once the bulk solution is saturated with cupric ions, no
further net transport of Cu2+(solv) from the interfacial region to the bulk solution can occur,
and Cu2+(solv) in the interfacial region hydrolyzes and precipitates as Cu(OH)2, initially as
colloids, which then aggregate to form a hydrogel network on the surface, and this initiates
the transition to Stage 2. The formation and growth of Cu(OH)2 hydrogel on the metal
surface during the transition period provides a very slow transport medium that slows
down overall Cu2+(solv) transport from the metal surface to the bulk solution.
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In Stage 2, reduction of CuII species (Cu2+/Cu(OH)2) to less soluble CuI species
(Cu+/Cu(OH)) occurs within the hydrogel network, coupled with the oxidation of Cu0(m) to
Cu2+(solv). This induces nucleation of mixed CuI/CuII hydroxides on the metal surface and
formation of Cu2O seed crystals. While the seed crystals are being continuously produced,
the Cu2O crystals also undergo redox-assisted Ostwald ripening, in which individual Cu2O
crystals grow by diffusion and adsorption-desorption of Cu2+/Cu(OH)2 (and OH) onto the
crystal surface, and reduction of CuII to less soluble CuI on the crystal surfaces, followed
by lattice-bond formation involving CuI (and O2). Near the end of Stage 2, (transition
from Stage 2 to Stage 3), most of the surface was covered with granular Cu2O oxides.
During the transition period and Stage 2, the number density of Cu2O crystals was larger
in HNO3 solution than in H2SO4 solution, but the size of the individual crystals was smaller.
In HNO3 solution, Cu2O crystals continued to grow for a much longer period. In addition,
in HNO3 solution, Cu2O crystals began to aggregate in Liesegang ring patterns and the
Cu2O ring bands became more discrete over time.
Stage 3 occurs as the oxidation of Cu0 to Cu2+/Cu(OH)2 (leading to Cu2O crystal
formation) becomes suppressed as large Cu2O crystals start to impede the diffusion of
solution species to and from the metal surface. Without continuous production of
Cu2+/Cu(OH)2, existing Cu2O crystals cease growing, and interact predominantly with the
bulk solution containing Cu2+ and SO42. Crystal growth via redox-assisted Ostwald
ripening occurs, but results in thermodynamically more stable Cu(OH)2nCuSO4 crystals
at the expense of Cu2O crystals.
The solution parameters affected the rates of progression through the stages and the
overall corrosion rates in specific stages. Of the two parameters, solution layer thickness
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had a more significant effect on progression of Stage 1, whereas the type of anion had a
more significant effect on corrosion dynamics in the later stages.
In this chapter, the evolution of copper corrosion under a continuous flux of -
radiation is investigated. The effect of -radiation on the corrosion behaviour is examined
using coupon exposure tests with solutions containing SO42 and NO3 anions with





























6.2.1 Materials and Solutions
The copper coupons used were made from wrought copper samples (provided by
SKB, The Swedish Nuclear Waste Management Company, 99.9% purity) with a surface
area of 0.785 cm2. Before each experiment, the coupons were polished using silicon carbide
papers with grit size 400, 800, 1200, and 2500 in succession, washing with pure water and
drying with argon gas between each grit size. The polished coupons were then rinsed with
Type I water and dried in flowing argon.
The test solutions used were 5 mM H2SO4, 5 mM SO42– (pH0 = 10.9) (adjusted by
NaOH addition), 10 mM HNO3, 10 mM NaNO3 and 10 mM NaNO2. The solution was
prepared with water purified with a NANOpure Diamond UV ultra-pure water system
(Barnstead International) to give a resistivity of 18.2 MΩcm. The solution parameters used
in this chapter are listed in Table 6-1.
Table 6-1: List of solution conditions tested in the presence of radiation.
Solution Composition Initial pH Solution layer thickness (cm)
5 mM SO42– 2.0 0.25±0.05, 1.3±0.1, 6.4±0.1
5 mM SO42– 10.9 1.3±0.1
10 mM NO3– 2.0, 7.4 2.5±0.1
10 mM NO2– 7.4 2.5±0.1
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6.2.2 Irradiation Procedure
One surface of the SKB coupons was exposed to the cylindrical test solution
volume contained within a shrink tube. Each set of coupons was exposed to different
solutions as summarized in Table 6-1, under aerated conditions. A schematic of the
experimental setup is shown in Figure 6-3. Each sample was placed in a separate vial, and
the test solution was added. The surface area of coupons were the same in all experiments.
The solution layer thickness (𝑑𝑠𝑜𝑙) thus is representative of the solution volume per surface
area. Samples, i.e., the coupons embeded in shirnk tubes, were placed in individual glass
vials. A plastic cap was used during the test duration to avoid water evaporation while the
cover gas was assumed to maintain at 20% of oxygen for the entire test duration.
The test vials were then irradiated for times ranging from 1 h to 480 h using a 60Co
gamma cell irradiator (220 Excel, MDS Nordion). During the experiments, the absorbed
radiation dose rate in the irradiation chamber was 1.8 kGy/h. The individual vials
containing the copper coupons were placed in a circular sample holder to ensure that all
samples received the same dose during the exposure time.
Figure 6-3: Experimental setup for coupon exposure tests in the presence of gamma
radiation.
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6.2.3 Post Test Analysis
Following radiation exposure, each coupon was removed from the test vial, and the
solution was collected and transferred to a 4 mL vial for pH measurement. The pH of the
test solution was measured using a ThermoScientific Orion 9110DJWP Double Junction
Micro-pH Electrode. The accuracy of this Micro-pH Electrode was pH 0.02. To minimize
the uncertaintis in measurement of the pH changes, the pH of all solutions were measured
with the same instrument and following similar calibration procedure. After collecting the
solution, the coupon was immediately rinsed with pure water to remove the remnants of
the test solution from the coupon surface. The coupon was then dried with Ar and stored
in a vacuum chamber to await surface analysis.
6.2.3.1 Solution Analysis
For the solution analysis, the test solution and the coupon rinsings were combined
and the copper concentration was measured using a PerkinElmer Avio 200 inductively-
coupled plasma-optical emission spectrometer (ICP-OES). The samples were digested
using 2% nitric acid (trace analytical grade, Fisher Scientific) prior to analysis, in order to
dissolve any colloidal particles, present in solution. The instrument was calibrated prior to
each analysis using copper sulfate (CuSO4) standard solutions containing 2% nitric acid.
6.2.3.2 Surface Analysis
The copper surfaces were analyzed by high-resolution optical microscopy using a
Leica DVM6 microscope, using the same lighting settings for each sample. Optical
microscopy was used in this study because it provides information about thin
hydroxide/oxide layers present on the surface, due to the strong absorbance of visible light
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by copper complexes. Additionally, optical images provide information on the overall
corrosion behaviour, as the whole coupon surface can be seen at once.
Scanning electron microscopy (SEM) images, elemental distribution on the copper
surface obtained using energy dispersive x-ray spectroscopy (EDX), and focused ion beam
(FIB) cross-section cuts were obtained using a Hitachi S-4500 field emission scanning
electron microscope equipped with a Quartz XOne EDX system or using a LEO (Zeiss)
1540XB FIB/SEM/EDX.
6.3 RESULTS AND DISCUSSION
In Chapter 4 and Chapter 5 the corrosion dynamics of copper were studied in the
absence of radiation. Chapter 4 describes the effect of solution layer thickness (𝑑𝑠𝑜𝑙) on
the metal oxidation kinetics in sulfate solution and in Chapter 5 the effect of anion type
(sulfate and nitrate) on the evolution of copper corrosion in two different thicknesses is
discussed. In this chapter, the effect of -radiation on copper corrosion in sulfate and nitrate
solutions is discussed. For sulfate solution the effects of solution layer thickness and initial
pH are investigated, whereas for nitrate solution, the effects of initial pH are studied. The
corrosion behaviour of copper in nitrate solution was compared to that of nitrite solution to
study the effect of NO3–/NO2– redox reaction on the 2nd Stage of corrosion.
6.3.1 Effect of Radiation on Copper Corrosion in Sulfuric Acid Solutions of
Different Solution layer thicknesses
To understand the effect of -radiation on copper corrosion in sulfate solutions,
coupon exposure tests were performed in shrink tubes with 5 mM H2SO4 solution (initial
pH = 2.0) of various solution layer thicknesses (dsol = 0.25±0.05, 1.3±0.1, and 6.4±0.1 cm)
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in the presence of -radiation. For each solution layer thickness, the copper concentration
( Cu2+
𝑚𝑒𝑎𝑠
) and (pH)meas as a function of corrosion time (tcorr) were measured and
compared with the corresponding results obtained in the absence of radiation. The
Cu2+
𝑚𝑒𝑎𝑠
 and pHmeas, and the evolution of the corroded coupon surfaces, are shown in
Figure 6-4. The optical images of the 480-h corroded coupons are presented separately in
Figure 6-5.
The observations from these experiments are summarized below:
For the smallest solution layer thickness, dsol = 0.25 cm:
 The pH change was similar in the presence and absence of radiation.
 In the presence of radiation, the Cu2+
𝑚𝑒𝑎𝑠
 initially increased linearly with time and
the Cu2+
𝑚𝑒𝑎𝑠
 reaches a steady-state value after 6 h. The values of Cu2+
𝑚𝑒𝑎𝑠
however, is initially lower in the presence of radiation (until 48 h) than in its absence.
In the presence of radiation, between 6 h and 18 h the solution pH increases from 2.8 to
5.3, and afterwards remains nearly constant with time. At 18 h Cu2+
𝑚𝑒𝑎𝑠
 is 5.1 mM
and stays almost constant up to 24 h.
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Figure 6-4: Time-dependent behaviours of dissolved copper ( Cu2+
𝑚𝑒𝑎𝑠
), 𝑝𝐻𝑚𝑒𝑎𝑠, and
surface morphologies observed during copper corrosion in 5 mM H2SO4 solution with
various solution layer thicknesses (dsol = 0.25±0.05, 1.3±0.1, and 6.4±0.1 cm) in the
absence (“No-Rad”) and presence (“Rad”) of a continuous flux of -radiation. Solid
symbols show the Rad data.
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Figure 6-5: Different magnification optical micrographs of the surface of coupons
exposed to 1.3±0.1 cm of sulfuric acid in the presence of -radiation for 480 h.
 Formation of a thick oxide was observed after 6 h in the presence of radiation, and
Cu2+
𝑚𝑒𝑎𝑠





) occured at 168 h was 26.1 mM, which is nearly
twice the Cu2+
𝑚𝑎𝑥
 observed in the absence of radiation.
 In the absence of radiation, although oxide formation does not start until after 18 h of
immersion, the maximum Cu2+
𝑚𝑒𝑎𝑠
 is reached within 1 h. In the presence of radiation,
the duration of the oxide-free stage is shorter (less than 6 h) and, the concentration of
copper has a linear time-dependence during the first 6 h of exposure. By 48 h,
Cu2+
𝑚𝑒𝑎𝑠−𝑅𝑎𝑑
 is lower than Cu2+
𝑚𝑒𝑎𝑠−𝑛𝑜 𝑅𝑎𝑑
, while the surface oxide on the
irradiated samples appears thicker.
 In the presence of radiation, solution supersaturation does not occur, and there is a
continuous linear increase in the dissolution rate for at least 168 h.
 The surface analysis of the 168-h irradiated coupon did not indicate any formation of
copper hydroxy sulfate, indicating that Stage 2 continues for at least 168 h under
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radiation, conditions, whereas in the absence of radiation Stage 3 is reached before
168 h.
For medium solution layer thickness, dsol = 1.3±0.1 cm:
 By 24 h, [Cu2+]𝑚𝑒𝑎𝑠 and (pH)meas have the same values in the presence and absence of
radiation. For irradiated coupons, [Cu2+]𝑚𝑒𝑎𝑠 and (pH)meas have the same gradients,
which are similar to those observed in the absence of radiation. The rate of dissolution
under radiation is 0.11 mM/h (compared to 0.13 mM/h in the absence of radiation), and
the surfaces are free of oxide up to 24 h. [Cu2+]48 ℎ−𝑅𝑎𝑑 is 4.9 mM, which is almost the
same as [Cu2+]48 ℎ−𝑛𝑜 𝑅𝑎𝑑 (5 mM).
 For exposure times longer than 48 h, Cu2+
𝑚𝑒𝑎𝑠−𝑅𝑎𝑑
 starts to deviate from
Cu2+
𝑚𝑒𝑎𝑠−𝑛𝑜 𝑅𝑎𝑑
. The solution pH under radiation does not immediately reach the pka
of Cu(OH)+ ( 5). However, as observed in the absence of radiation, Cu2O formation
starts at ~ 48 h under radiation and Ostwald ripening of oxides leads to the formation of
oxide bands at the edges of the coupon.





longer exposure times. Cu2+
480 ℎ−𝑛𝑜 𝑅𝑎𝑑
 is nearly constant with time up to 168 h (at 
6 mM) while Cu2+
480 ℎ−𝑅𝑎𝑑
 increases almost linearly with time and reaches 14.1 mM.
By 480 h under radiation, Cu2+
480 ℎ−𝑅𝑎𝑑
is  27.1 mM and the pH is 3.6. After a long
immersion time (480 h) in the absence of radiation the pH is stable at the pka of Cu(OH)2
( 5) and the copper concentration is as low as 3.8 mM.
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In the deepest solution, dsol = 6.4 ± 0.1 cm:
 The evolution of the solution and surface behaviours was measured up to 168 h. Over
this time period, the difference between the results in the presence and absence of
radiation was negligible.
In the presence of radiation, H2O2 is the key oxidant that can influence the corrosion
behaviour of metals in radiation-exposed systems [16–20].
In Stage 1, [Cu2+] at the interfacial region ([Cu2+]int) stays below its saturation
capacity. That is, the rate of copper reduction is negligible and does not affect the net rate
of copper oxidation. When the concentrations of metal oxidation products in the interfacial
region are low, H2O2 acts primarily as an oxidant. The overall metal oxidation kinetics can
be simplified using the kinetics of two redox half-reactions, where the oxidation half-
reaction of Cu to Cu2+ is coupled with the reduction half-reaction of H2O2 to OH.
Cu + H2O2 +2 H+ ⇌ Cu
2++ 2 H2O ⇌ Cu(OH)2+ 2 H
+   (Eq. 6-3)
The rate of each chemical reaction or transport step depends on the chemical
activity (~concentration) of the reactant(s). Irrespective of the rates of the individual steps,
the sum of the reduction rates of the dissolved oxidants must be the same as the sum of the
oxidation rates. This does not mean that oxidant reduction and metal oxidation contribute
equally to determining the overall metal oxidation rate. H2O2 can either be reduced to OH
or be oxidized to O2, depending on what half-reaction it couples with. When H2O2 is
continuously produced, in the later stages of corrosion its oxidation and reduction can
couple with the reduction of the metal oxidation product and the oxidation of the metal or
a metal cation with a lower oxidation state as discussed later in section 6.3.2.
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The results presented in this section indicate that, when the solution volume is small
and -radiation is present, by 6 h [Cu2+]int is sufficiently high (above the saturation
concentration) for water radiolysis products to promote the reduction of Cu2+ to Cu2O, and
Stage 2 starts quickly upon immersion. In the absence of radiolysis products, the hydrolysis
reactions become rate-controlling after only 1 h of immersion. However, it takes a few
hours before the solution becomes supersaturated, at which time oxide formation can
commence.
The oxidation reaction consumes H+, but at the same time, HNO3 is produced under
radiation, and the hydrolysis of copper cations also produces H+. Oxidation in Stage 1 is
controlled by the rate at which copper can dissolve and transfer away from the surface. In
the 1.3 cm thickness solution, the Cun+
𝑡−𝑅𝑎𝑑
 starts to deviate from the value observed in
the absence of radiation at longer immersion times (after 96 h). After the solution has
become saturated with copper ions, the rate of Cu2O formation eventually becomes the
same as the rate of copper oxidation. When radiation is present, reduction of Cu(OH)2 is
faster, and the homogenous reaction shown in Eq. 6-3 becomes rate-determining. The
oxidation reaction shown in Eq. 6-3 proceeds in the forward direction, and thus maintains
the oxidation reaction at the same rate as in Stage 1. Although copper is being oxidized, it
cannot accumulate at the surface, but can eventually be reduced by the H2O2 oxidation
reaction. When the solution volume is very small, the concentration of Cu2+ is great enough
so that the redox reactions of copper can be coupled with H2O2/OH and NO3–/NO2–
reactions, and the precipitation of copper causes the removal of copper ions from the
surface via reduction. The removal of Cu ions promotes further oxidation.
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Under radiation, in a similar manner to in the absence of radiation, when the
solution pH reaches the pKa of the copper hydrolysis reaction, copper hydroxide can
precipitate. The rate of copper oxidation therefore becomes equal to the rate of reduction
of Cu2+/Cu(OH)2 to Cu2O at a pH close to the pka of cupric hydroxide. These oxidation and
reduction reactions thus keep the solution concentration constant for a short period of time.
However, because of the continuous production of water radiolysis products (primarily
HNO3), the pH of the solution later starts to decrease, which allows copper ions to move
from the surface/solution interface into the bulk solution. Thus, although the reduction of
copper species is accelerated by radiation products (e.g. NO2/NO3 oxidation and H2O2/O2
oxidation), since the pH gradually decreases with time (due to the production of H+), the
transfer of copper into the solution also is accelerated and the copper concentration
increases afterwards. By 480 h the solution pH has dropped to 3.6 (when precisely this
occurred is not known, since no pH measurement was performed between 168 h and
480 h). Since the solution pH controls the amount of copper that can be dissolved and
transferred away from the surface/solution interafece, the copper oxidation rate can
increase linearly and oxide formation is prevented. Both the previously formed oxide and
the copper metal undergo oxidation at later times and are thus removed from the surface.
As will be discussed later, the pH is not expected to be able to go below the value of 3.6,
since an equilibrium between the radiation products and oxidation reduction products is
eventually established at longer exposure times.
When solution layer thickness is large, the duration of Stage 1 is ~200 h in the
absence of radiation. In large (i.e. in 6.4 cm solution layer thickness), the transfer of metal
cations is fast and the time for the accumulation of copper ions at the solution interface is
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longer than the tested time period. Thus, as expected at this period of time, the copper redox
reactions and the redox reaction of water and humid air radiolysis products cannot couple.
The pH of solution is also low (below 3). Thus, in this experiment, no difference is observed
between the experimental results in the absence and the presence of radiation.
6.3.2 Effect of -Radiation on Copper Corrosion in Highly Alkaline 5 mM Sulfate
Solution
In this section the effect of initial pH on the time-dependent copper corrosion
behaviour in the presence of -radiation is investigated. To understand how the radiolysis
products affect the corrosion of copper in highly alkaline solution (ground water
conditions), a set of time-dependent immersion studies was performed in 5 mM SO42– at
initial pH 10.9. The results obtained are presented in Figure 6-6.
The observations from these experiments are as follows:
 In both the presence and absence of radiation, Cu2+
𝑚𝑒𝑎𝑠
 was very low during the
first 24 h of exposure ( Cu2+
𝑚𝑒𝑎𝑠−𝑅𝑎𝑑
 = 18 M, and Cu2+
𝑚𝑒𝑎𝑠−𝑛𝑜 𝑅𝑎𝑑
 = 5 M)
 In the absence of radiation, the pH fluctuated around 8.4 and Cu2+
𝑚𝑒𝑎𝑠−𝑅𝑎𝑑
 stayed
low (below 100 M) during the 336 h of immersion.
 In the presence of radiation, by 48 h the solution pH had dropped to 4.15, and this
decrease coincided with the onset of an increase in Cu2+
𝑚𝑒𝑎𝑠−𝑅𝑎𝑑
. The pH plateaued
after 48 h and fluctuated between 3.5 and 3.8 until 168 h. Cu2+
𝑚𝑒𝑎𝑠−𝑅𝑎𝑑
 increased
with time and the surface was partially covered with a thin blackish oxide up to 72 h,
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and fully covered with this oxide at longer times. The pH 480 h-Rad and Cu2+ 480 ℎ−𝑅𝑎𝑑
were 3.7 and 18.6 mM, respectively.
Figure 6-6: Time-dependent behaviours of dissolved copper ( Cu2+
𝑚𝑒𝑎𝑠
), (pH)meas, and
surface morphologies observed during copper corrosion in a solution with a solution
thickness layer of 1.3 ± 0.1 cm, initially containing 5 mM SO42– at initial pH 10.9, in the
absence (“No-Rad”) and presence (“Rad”) of a continues flux of -radiation. For each
surface, the optical micrographs are presented.
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In solution with pH0 10.9, at early times in both the presence and absence of radiation,
since the pH remains high, the concentration of Cu2+(solv) is near its saturation limit, and
hydrogel forms on the metal surface. This further slows down overall Cu2+(solv) transport
from the metal surface to the bulk solution and Cu2+
𝑚𝑒𝑎𝑠
 consequently remains low. The
initial pH drop in the absence of radiation can be explained by the formation of carbonic
acid. Aqueous carbon dioxide, CO2(aq), reacts with water forming carbonic acid, H2CO3(aq).
Carbonic acid may lose protons to form bicarbonate, HCO3–, and carbonate, CO32-. In this
case the proton is liberated to the water, decreasing pH [21].
At longer exposure times the solution pH drops to lower values when radiation is
present. This increases the overall copper oxidation rate, for two reasons. Firstly, more
copper ions can be dissolved and transferred to the bulk solution when the solution pH is
lower. Secondly, due to the continuous production of H2O2, CuII species (Cu2+(solv) and
Cu(OH)2 colloids) in the hydrogel layer can reduce to CuI species and form Cu2O, which
leads to the partial coverage of the surface by copper oxide for the irradiated samples.
Hydrogen peroxide can act either as an oxidant or a reductant, depending on which half-
reactions it can couple with. Once enough CuI species have formed on the surface, copper
redox reactions can couple with the redox reactions of H2O2, which increases the rate of
reduction of copper cations and thus also accelerates copper oxidation (Eq. 6-3a to Eq. 6-
3e).
(a) Reduction of Cu2+ to Cu2O coupled with oxidation of H2O2 to O2
(Cu2++2OH⇌ Cu(OH)2)+2 H++2 e{2Cu(OH) ⇌Cu2O+H2O}+2 H2O (Eq. 6-3a)
 H2O2   O2 + 2 H+ + 2 e (Eq. 6-3b)
(Cu2+ + 2 OH ⇌ Cu(OH)2) + H2O2  {2 Cu(OH) ⇌ Cu2O + H2O}+ O2 (Eq. 6-3c)
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(b) Oxidation of Cu2O to Cu2+ coupled with reduction of H2O2 to OH
 {2 Cu(OH)⇌ Cu2O + H2O}+ 2 H2O(Cu2++ 2OH⇌ Cu(OH)2)+2 H++2 e(Eq. 6-3d)
 H2O2 + 2 e  2 OH (Eq. 6-3e)
 {2 Cu(OH) ⇌ Cu2O + H2O} + H2O2 (Cu2+ + 2 OH⇌Cu(OH)2) + 2 OH (Eq. 6-3f)
 A schematic illustration of the redox coupling reactions of H2O2 and copper species
(the redox-assisted Ostwald ripening process) is shown in Figure 6-7. In the presence of
radiation this redox coupling can persist longer, due to the steady-state concentration of
H2O2, thereby extending the duration of Stage 2.
Figure 6-7: The redox-assisted Ostwald ripening process proposed for Cu2O crystal
growth via H2O2 redox reactions.
The optical images of copper after 480 h corrosion in 5 mM SO42– at pH0 10.9 under
radiation confirm the previous conclusion regarding the localized corrosion of copper
(Figure 6-8).
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Figure 6-8: Optical images of a 480-h corroded copper surface after corrosion in 5 mM
SO42– at pH0 10.9 under a continuous flux of -radiation. (a) and (b) show the high
magnification images of surface showing (a) Localized corrosion of oxide-free copper
and (b) Localized corrosion of an oxide-covered surface.
The pH of the solution is stable after 48 h, and is 3.6 by 480 h. Localized corrosion is
observed in both oxide-free and oxide-covered areas, indicating that the localized corrosion
of copper does not occur via a conventional pitting corrosion mechanism. Regardless of
the presence or absence of oxide at the surface, localized corrosion can occur at any area
with surface defects or any inclusion site. Since the pH is very high initially, and decreases
with time, as discussed for nitrate, localized oxidation can start at favourable sites, and
once it starts it can propagate because the pH stays low, due to the presence of radiation.
6.3.3 Effect of -Radiation on Copper Corrosion in Acidic 10 mM Nitrate Solution
To understand the effect of radiation on copper corrosion in the presence of nitrate
anions, the evolution of copper corrosion in 10 mM HNO3 (dsol = 2.5±0.1 cm and the initial
solution pH = 2.0) was studied in the presence of radiation and the results obtained are
compared with those obtained in the absence of radiation presented in Chapter 5. (see
Figure 6-9)
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Figure 6-9: Time-dependent behaviours of dissolved copper ( Cu2+
𝑚𝑒𝑎𝑠
), pH𝑚𝑒𝑎𝑠, and
surface morphology observed during copper corrosion in a solution of thickness
2.5±0.1 cm initially containing 10 mM HNO3 in the presence (“Rad”) and absence (“No-
Rad”) of a continuous flux of -radiation. For each surface, the low magnification optical
micrographs are presented.
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The observations in the presence of radiation are presented below:
 For durations up to 48 h in both the presence and absence of radiation, the oxide
evolution, measured [Cu2+]𝑚𝑒𝑎𝑠 and solution pH are nearly the same except that in the
presence of radiation the surface is not entirely oxide-free in the initial stages (before
1 h), being covered with a thin oxide layer.
 After 72 h, large differences in the solution pH and copper concentration are observed
between in the presence of radiation and in its absence. After 96 h in the presence of
radiation, the surface is completely free of oxide.
 In the presence of radiation, the solution pH stays below the pKa of Cu(OH)2 for the
entire exposure time of 480 h. The solution pH stabilizes at pH = 3.8 after 168 h of
exposure, which is very close to pH480 ℎ−𝑅𝑎𝑑 in sulfuric acid solution. Cu2+ 168 ℎ−𝑅𝑎𝑑
is 12.0 mM and Cu2+
𝑚𝑒𝑎𝑠−𝑅𝑎𝑑
 increases nearly linearly while the surface is partially
covered with very thin oxide at longer times. Optical microscopy shows that the
surface oxide is very thin, and the metal underneath is etched.
 Cu2+
480 ℎ−𝑅𝑎𝑑
 and pH480 ℎ−𝑅𝑎𝑑 are 25.3 mM and 3.93, respectively. The surface of
the 480-h corroded coupon has a pattern similar to the 168-h one.
In the absence of radiation, the pH of the solution reaches pH 5.3 within 48 h, and
hydrolysis reactions tend to maintain the pH of the solution around the pka of copper
hydrolysis;
(hydrolysis)  Cu2+ + 2 OH ⇌ Cu(OH)+ + OH ⇌ Cu(OH)2 ⇌ etc. (Eq. 6-4)
Hence, the solvated cupric ion is present in chemical forms of different charges:
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 Cu2+(solv)  Cu2+ + Cu(OH)+ + Cu(OH)2 (+ Cu(OH)3 at high pHs) (Eq. 6-5)
Once the bulk concentration of Cu2+(solv) is near its saturation limit, [Cu2+]int is at or above
saturation concentration, and hydrolysis (hydrolysis)) in the interfacial region results in
the formation of the neutral species Cu(OH)2, which starts to precipitate as a solid. Cupric
hydroxide, being hygroscopic, can then aggregate to form a hydrogel network on the
surface. Once the hydrogel has formed the redox reactions of copper can couple with
nitrate/nitrite redox reactions, as explained in Chapter 5. The schematic representation of
this redox coupling is shown in Figure 6-10. This coupling promotes oxide formation via
reactions (6-6g) the oxides resulting in the formation of more Cu2O crystals on the surface,
as clearly observed after 72 h.
(c) Oxidation of Cu2O to Cu2+ coupled with the reduction of NO3 to NO2:
 {2 Cu(OH) ⇌ Cu2O + H2O +2H2O(Cu2++2 OH⇌ Cu(OH)2) + 2H++2 e (Eq. 6-6a)
 2 NO3 + 2 H+ + 2 e  2 NO2 + 2 H2O (Eq. 6-6b)
 {2Cu(OH)⇌Cu2O + H2O} + 2NO3(Cu2+ + 2 OH⇌ Cu(OH)2) + 2 NO2 (Eq. 6-6c)
(d) Reduction of Cu2+ to Cu2O coupled with the oxidation of NO2 to NO3
 (Cu2+ +2 OH⇌Cu(OH)2)+2H+ + 2 e {2 Cu(OH)⇌Cu2O +H2O}+2H2O (Eq. 6-6d)
 2 NO2 + 2 H2O  2 NO3 + 2 H+ + 2 e (Eq. 6-6e)
 (Cu2+ + 2OH ⇌ Cu(OH)2) + 2 NO2{2Cu(OH)⇌Cu2O + H2O}+ 2NO3(Eq. 6-6f)
The full redox reaction involving (a) and (b) is:
 {2 Cu(OH)⇌Cu2O + H2O}+ 2NO3⇌(Cu2+ + 2 OH⇌Cu(OH)2) + 2 NO2 (Eq. 6-6g)
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Figure 6-10: The redox-assisted Ostwald ripening process proposed for Cu2O crystal
growth via nitrate/nitrite redox reactions.
Under radiation, there is continuous production of H2O2 in the liquid phase and the
concentration remains at a steady-state level. Assuming the redox reactions of the oxidants
are rate-controlling in the overall oxidation reactions, one would expect a higher
Cu2+
𝑚𝑒𝑎𝑠
 vs. time gradient in the presence of radiation. However, as observed for
corrosion in sulfuric acid solution, the addition of the radiolysis product H2O2 to the nitric
acid solution does not affect the oxidation rate. However, at longer exposure times, the
predominant effect of radiation is to lower the solution pH due to nitric acid formation in
the headspace which subsequently dissolves into solution. Consequently, the amount of
copper that can be dissolved into the solution phase increases with time. Since the redox
reactions of radiolysis products can be strongly coupled with the redox reactions of copper
at the metal/interface, Ostwald ripening continues up to 480 h of exposure, while
Cu2+
𝑚𝑒𝑎𝑠
 increases with time.
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6.3.4 Effect of Radiation on Copper Corrosion in Neutral 10 mM Nitrate Solution
The effect of radiation on copper corrosion in nitrate solution at higher pH was
studied. The surface and solution evolution during copper corrosion of a solution initially
containing 10 mM NaNO3 (initial solution pH = 7.4), in the presence of a continuous flux
of -radiation, is presented in Figure 6-11. These results are compared with those of nitric
acid solution (initial pH = 2.0) in the absence of radiation to provide insight into the
corrosion mechanism under -radiation.
The key observations for neutral pH in the presence of radiation are presented below:
 The Cu2+
𝑚𝑒𝑎𝑠
 is initially very low (below 0.2 mM before 24 h). Oxide formation
starts with the partial coverage of the surface with a thin green film.
 A red oxide starts to cover the entire surface after 24 h exposure. However, copper
dissolution occurs at a rate that is significantly faster than when the copper surface was
oxide-free. The green oxide turns to a more blackish oxide with time.
 The solution pH gradually decreases with time and drops to below 6 after 18 h.
Although the surface is covered with oxide, Cu2+
𝑚𝑒𝑎𝑠
 starts to increase after 24 h.
 The solution pH drops from 6 (at 18 h) to 3.8 (at 72 h) and fluctuates around a value
of 3.9 after 72 h exposure. A similar solution pH was observed after 168 h exposure in
10 mM HNO3 and 480 h exposure in 5 mM H2SO4. The Cu2+ 𝑚𝑒𝑎𝑠 continues to
increase up to 168 h.
An experiment was performed for 480 h to verify that the pH stays low at longer times.
The pH at 480 h was 3.9 and the Cun+
480 h
 was 13.6 mM, a 9 mM increase from the value
at 168 h ( Cu2+
168 ℎ−𝑅𝑎𝑑
 = 4.5 mM). This dissolution rate is similar to that observed
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during the last 312 h of exposure in nitrate solution with pH0 2.0. Thus, although the
surface oxide might be different and have a different morphology, the rate of dissolution is
the same.
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Figure 6-11: Time-dependent behaviours of dissolved copper ( Cu2+
𝑚𝑒𝑎𝑠
), pH𝑚𝑒𝑎𝑠, and
surface morphologies observed during copper corrosion in 2.5±0.1 cm thickness
10 mM NO3– solution at different initial pHs in the presence and absence of a continuous
flux of -radiation. Solid symbols show the data from 10 mM NO3 (pH0=7.4), and open
circles show the data from 10 mM HNO3 (pH0=2.0) experiments.
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The evolution of the surface and solution during the corrosion of copper in NO3–
solution at initial pH = 7.4 was similar to that observed; in 5 mM SO42– (at initial
pH = 10.9) (see discussion Section 6.3.2).
As discussed earlier in Chapter 5, pH has a negligible effect on electron-transfer
reaction rates. However, it can have a significant effect on the maximum yield (saturation
capacity) of [Cu2+]int. The rate of copper oxidation is not controlled by electron transfer but
the transfer of metal atoms from the solid metal phase to the solution in the interfacial
region. The solvation properties of the solution, such as pH and ionic strength, can affect
the rate of metal oxidation and the maximum yield of metal cations. The results of the
experiments presented in this section show a very low rate of oxidation in the initial periods
of exposure when the surface is not covered with oxide. Once the pH drops to values below
the pka of copper hydroxide, copper oxidation is accelerated, which leads to an increase in
[Cu2+], and oxide formation.
When copper is exposed to a solution with a high initial solution pH, the rate of
oxidation is initially fast for a short period. The time for the solution to reach saturation is
very short at high pHs because of the lower solubility at these higher pHs. The rate of mass
transfer to the bulk solution quickly becomes negligible once the solution is saturated and
the rate of oxidation becomes equal to the rate of reduction of copper. The saturation
concentration gradually increases as water radiolysis products lower the pH over time, and
oxide formation occurs at a faster rate as the radiolysis product redox reactions can couple
with copper redox reactions at the copper interface. Copper dissolution can occur
concurrently with oxide formation in the presence of radiation when the pH starts to
decrease. Oxidation occurs locally at preferential sites of corrosion. There are many non-
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uniformities in the copper surface that can be favourable sites of oxidation. This causes the
formation of pits, which are discussed in detail below.
6.3.5 Localized Corrosion of Copper in Nitrate Solution
Localized corrosion of copper can be a concern as if this oxidation corresponds to
a small surface area, i.e., localized pits. In a solution which induces early oxide surface
coverage, observation of these pits might be more difficult as the pits could propagate
underneath the oxide layer. In Figure 6-12, the evolution of Liesegang rings on the surface
of copper corroded in nitrate solutions with different initial pHs is presented, and the
morphological features at the different pHs compared. As discussed in Chapter 4, the
shape and evolution of these concentric rings depend on the solution and surface
conditions. By studying a number of different rings, we can find a pattern for their
evolution over time.
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Figure 6-12: Evolution of concentric rings formed on the surface of Cu in 10 mM NO3–
at different pHs under a continuous flux of -radiation. The surface topography shows
that the central region of the rings becomes deeper with time.
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Figure 6-13: (a) SEM image of the surface, (b) Optical, SEM and FIB cross section
images of line b, and (c) Optical, SEM and FIB cross section images of line c at the
center of a concentric ring formed after 480 h corrosion under radiation in nitrate solution
with pH0 7.4. The EDS maps corresponding to the bottom cross section images indicate
that the pits are filled with Cu2O.
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When a solution containing a soluble species at a concentration near its saturation limit
transports through a slow transport medium such as porous rocks or gelatinous or hydrogel
layers [14], the precipitation-dissolution and the transport kinetics can become strongly
coupled, creating chemical waves and periodic patterns known as Liesegang rings and
bands [22–25]. Liesegang phenomena typically arise when Ostwald ripening occurs in
flowing solutions containing salt crystal ions, resulting in a simple pattern of bands or rings
of precipitates with clear gaps between them [26–31]. In the corrosion of transition metals,
the oxide patterns can be more complicated if more than one stable oxide can be formed
[14]. There is a common pattern to the formation of these rings on the copper surface that
can be observed in all cases. Initially, dissolution occurs earlier from the localized site
(such as inclusion sites due to weakest metallic bonding), and metal dissolution can happen
faster than from the surrounding area. The surrounding area near the inclusion sites
provides the adsorption and nucleation sites for the hydroxide formation, and the hydrogel
network starts to spread horizontally. The earlier formation of hydrogel further could slow
down the metal dissolution from the surrounding areas of the pit as the pit starts
propagating, as observed from the depth to width ratio of the surrounding area relative to
the pit. The hydrogel layer formation near the surrounding area could promote further
oxidation to less soluble CuI species (Cu+/Cu(OH)) within the hydrogel network and the
hydroxide/oxide particles start precipitating early forming Cu2O in the surrounding area.
The continued production of Cu2+ from the pit creates the concentration gradient of Cu2+
within the 2-D Hydrogel network. Liesegang banding, is a phenomenon arising from the
2-D diffusion of Cu2+ combined with adsorption/desorption of Cu2+ coupled with
oxidation-reduction between Cu(OH)2 and Cu(OH) occur via redox assisted Ostwald
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ripening, forming the ring pattern and band formation on the corroded copper surface. The
redox assisted Ostwald ripening process can prolong for a longer time in the presence of
redox active species such as H2O2 and NO3/NO2 redox pair. Liesegang bands are formed
when the diffusion of dissolved species can effectively couple with precipitation and
redissolution of the species. The observation of the Liesegang rings further supports the
mechanism involving hydrogel formation. At longer times, the solution can sweep into the
pits promoting hydrogel formation and Cu2O oxide growth within the pit, as shown by the
FIB cross section images in Figure 6-13.
Two types of the central region were observed at the centre of the ring pattern, a pit
or an elevated region. The EDX analysis has shown that both regions are related to the
presence of an inclusion site. In the case of pit, the dissolution has resulted in removing the
inclusion site from the surface, creating a pit in the centre of the ring pattern. As corrosion
progress, at a later stage, the center of the ring (the pit region) is protected by the formation
of crystalline copper compounds (copper salts). In some cases, the centre of the ring has an
elevated centre compared to the surrounding area. The type of rings with an elevated center
are observed in nitric acid solution (pH0 2.0 in the presence of radiation). These elevated
sites were identified as inclusion sites via EDS analysis.
Figure 6-9 shows the evolution of Liesegang rings in nitrate solution with initial
pH0 = 7.4. Circular features form at short exposure times (generally before 18 h) with a
greenish-yellow background. The central regions have dissolved to a greater depth and are
surrounded with blackish green oxides at longer times (after 18 h of exposure). The depth
of the central area is about 12 m after 168 h. Some of these pits become covered later,
and some propagate deeper and wider.
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After 480 h, large (> 1 mm in diameter) rings are observed on the surface. Figure
6-13 shows the SEM image of the surface, the cross-section of the center, and the diameter
of one of the rings. This ring is not the largest one observed and is a medium-size ring
chosen as representative of a typical rings. In optical micrograph the center of the ring can
be seen to be covered with copper salt particles which are not seen in the SEM images (due
to exposure to high vacuum). However, the adjacent area is deeply corroded and filled with
oxide; some uncovered Cu metal is also observed, which is surrounded by oxide, with no
gap. To investigate this further, a wider and deeper cross-section was examined. The SEM
images of the cross-sections and the corresponding EDS maps are shown in Figure 6-10c),
and reveal that the maximum depth of the holes created or filled with oxide is about 60 m.
6.3.6 Corrosion of Copper in 10 mM Nitrite Solution in the Presence of -
Radiation (Effect of Anions)
Figure 6-14 shows the evolution of copper corrosion under -radiation in 10 mM
nitrite solution with initial pH 7.4, and compares the results with those in nitrate solution
with initial pH 7.4.
 The progression of pH𝑚𝑒𝑎𝑠 and Cu2+ 𝑚𝑒𝑎𝑠 in nitrite solution under -radiation is very
similar to that in nitrate solution, with almost the same data. The evolution of solution
pH is almost the same in NO2– and NO3– solutions.
 The pattern and the colour of the oxides formed on the surface of the corroded coupons
are different in nitrate and nitrite solutions (no surface analysis was performed to
characterize the surface oxides). The surface is half-covered with a black-blue oxide
at early exposure times.
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 At early exposure times, bands of a blue material that spreads along the polishing lines,
assumed to be gelatinous Cu(OH)2 hydrogel. There are some orange oxides, which are
seen only in nitrite solution at 168 h.
The solution analysis in nitrite solution is consistent with the other results presented in
Chapters 5 and 6, indicating the rate of copper corrosion is independent of the type of
anions in Stage 1. The results also imply that the rate of oxidation in Stage 2 is
controlled by the rate of Cu2O formation through the full redox reaction involving
Cu/Cu2+ and NO3–/NO2– reaction (Eq. 6-6g).
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Figure 6-14: Time-dependent behaviours of dissolved copper ( Cu2+
𝑚𝑒𝑎𝑠
), pH𝑚𝑒𝑎𝑠, and
surface morphologies observed during copper corrosion in 2.5±0.1 cm thickness 10 mM
NO2– solution and 2.5±0.1 cm 10 mM NO3– (at pH0 = 7.4), in the presence of a
continuous flux of -radiation. The high magnification images in nitrite solution show
how the gel-like layer spreads in the direction of the polishing lines.
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Table 6-2: Corrosion rates and other experimental data for the different stages of corrosion




























< 1 h 0-48  168 h      0 1 h 0 0
𝒅 Cu2+(solv) 𝒕/𝒅𝒕
(mM/h)
NA 0.110.01 0.0200.003 NA 0.130.01 NA NA
𝒄𝒐𝒓𝒓@𝒔𝒕𝒈𝟏
(µmol Cu/cm2/h)




 480 h  480 h  480 h 480 h  480 h  480 h  480 h
Cu2+(solv) 𝒇𝒊𝒏𝒂𝒍
(mM)
26.1 2.4 13.6 0.5 3.00.5 3.45 14.00.3 4.200.4 4.320.5
𝒎𝐂𝐮𝟐+ 𝒇𝒊𝒏𝒂𝒍
(µmol Cu)
5.20.5 13.6 0.5 15.02.5 3.45 28.00.6 8.400.8 8.641.04
𝒎𝐂𝐮𝟐+ 𝒇𝒊𝒏𝒂𝒍/𝑨
(µmol Cu/cm2)
6.60.6 17.30.6 18.893.4 4.39 35.670.8 10.701.0 11.001.3
Max pH 5.50.3 5.00.2 2.350.02 NA 3.810.04 NA NA
pH480 h NA 3.7 NA 3.6 3.9 3.6 3.7
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6.3.7  Mechanism of Copper Corrosion under -Radiation
The solution and surface analysis results show that copper corrosion progresses
through different stages, as shown in Section 6.3.1 to Section 6.3.6. In the presence of
radiation, the main oxidant that can affect copper corrosion is H2O2. A schematic of the
elementary steps that can occur in Stage 1 in the presence of radiation is shown in
Figure 6-15. H2O2 is a more powerful and kinetically facile oxidant than O2. Therefore, it
is normally assumed that in the presence of radiation, the overall metal oxidation rate can
be affected by H2O2 due to the increase in the driving force (i.e., overpotential) for metal
oxidation [10,32]. H2O2 can either be reduced to OH or be oxidized to O2, depending on
which half-reaction it couples with [33]. The main difference between chemically added
H2O2 and radiolytically produced H2O2 is that for the former [H2O2] is not constant with
time as it is consumed during metal oxidation. In the presence of a continuous flux of -
radiation, the concentration of H2O2 is maintained at a steady-state level during the
exposure time [1,2].
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Figure 6-15: Elementary rate-determining steps for metal oxidation in Stage 1 in the
presence of radiation.
In Stage 1, the overall metal oxidation process involves elementary steps, net
interfacial charge (metal atom/electron) transfer at the metal-solution interface (step (M1)),
followed by diffusion of the metal cation from the interface (z  0) into the bulk solution
(z  ) (step (trans)):
Ox half-reaction     (M1):      Cu0(m)|z0 ⇌ Cu2+(solv)|z0 + 2 e (Eq.6-7a)
Red half-reaction:                  H2O2 + 2 e 2 OH (Eq.6-7b)
(trans):             Cu2+(solv)|z0 ~~ Cu2+(solv)|z (Eq.6-7c)
In Stage 1, [Cu2+] in bulk solution stays below its saturation limit and the average
concentration of Cu2+(solv) in the bulk solution increases linearly with time. During Stage 1
the formation of granular oxide deposits on the surface is negligible. When the
concentrations of metal oxidation products in the interfacial region are low, H2O2 acts
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primarily as an oxidant. The overall metal oxidation kinetics can be simplified using the
kinetics of two redox half-reactions, where the oxidation half-reaction of Cu to Cu2+ is
coupled with the reduction half-reaction of H2O2 to OH (Eq. 6-3). The rate of each
chemical reaction or transport step depends on the chemical activity (~concentration) of
the reactant(s). Irrespective of the rates of the individual steps, the sum of the reduction
rates of the dissolved oxidants must be the same as the sum of the oxidation rates. This
does not mean that oxidant reduction and metal oxidation contribute equally to the
determination of the overall metal oxidation rate. Even in the presence of the powerful
oxidant H2O2, the metal oxidation rate in Stage 1 was similar in the presence and absence
of radiation. These results are consistent with our interpretation presented in Chapters 4
and 5. The copper oxidation rate is not determined by the type of the oxidant present in the
solution but is rather controlled by the rate at which copper can be transported from the
interface to the bulk solution. When the bulk solution is saturated with cupric ion, no further
net transport of Cu2+(solv) from the interfacial region to the bulk solution can occur. As the
concentrations of Cu2+ and OH in the interfacial region ([Cu2+]int and [OH]int) are always
higher than those in the bulk solution, the Cu2+(solv) in the interfacial region hydrolyzes and
precipitates as Cu(OH)2, initially as colloids, which then aggregate to form a hydrogel
network on the surface. The formation and growth of Cu(OH)2 hydrogel occurring on the
metal surface provides a very slow transport medium that slows down overall Cu2+(solv)
transport from the metal surface to the bulk solution and the system transitions to Stage2.
 (hydrolysis): Cu2+ + 2 OH ⇌ Cu(OH)+ + OH ⇌ Cu(OH)2     (Eq. 6-8)
(colloids): Cu2+(solv) (+ 2OH)  Cu(OH)2 colloids                                  (Eq. 6-9)
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(hydrogel): Cu2+(solv) (+ 2OH)  Cu(OH)2 colloids  hydrogel    (Eq. 6-10)
Stage 2 occurs with the formation and growth of the Cu(OH)2 hydrogel during the
transition period and commences once the surface is covered with this hydrogel. The
chemical activity of CuII species (Cu2+(solv) and Cu(OH)2 colloids) in the hydrogel layer is
~ 1.0, promoting reduction of CuII species to CuI species via coupling with the oxidation
of H2O2, as shown in Figure 6-3. The cuprous ion thus formed is nearly insoluble. Hence,
as the chemical activity of CuII species in the hydrogel increases, the number of nucleation
sites for precipitation and aggregation of Cu(OH)2 colloids increases and promotes the
growth of Cu2O.
In the presence of radiation, due to the continuous production of H2O2, the reduction
of CuII species (Cu2+/Cu(OH)2) to less soluble CuI species to (Cu+/Cu(OH)) can occur
faster.
         (M2){Cu2+ +2 OH ⇌Cu(OH)2}z0 + e⇌{Cu++ OH⇌Cu(OH)}z0 +OH(Eq. 6-11)
(Cu2O)       2{Cu+ + OH ⇌ Cu(OH)} Cu2O + H2O                            (Eq. 6-12)
Because the Cu2O crystals grow via Ostwald-ripening and Liesegang phenomena, the
growth of Cu2O is also not uniform across the metal surface or even across the smaller
surface areas of individual copper metal grains.
In the presence of radiation, reduction of Cu(OH)2 is faster. When the solution volume is
very small, the concentration of Cu2+ is high enough that the redox reactions of copper can
couple with H2O2/OH reactions, and the precipitation of copper causes the removal of
copper ions from the surface via reduction. This removal of Cu ions promotes further
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oxidation. A schematic of the corrosion process occurring during Stage 2 under radiation
is shown in Figure 6-16.
Figure 6-16: Metal oxidation in Stage 2 in the presence of radiation.
In the presence of radiation, Stage 2 is much longer, as observed in the presence of
nitrate but in the absence of radiation, which was discussed in Chapter 5. For dsol
= 1.3±0. cm, the surface analysis of the 168-h irradiated coupon, did not indicate any
formation of copper hydroxy sulfate, indicating that under radiation Stage 2 continues for
at least 168 h, whereas in the absence of radiation Stage 3 is reached before 168 h. This
indicates that the duration of Stage 2, where the overall corrosion process is to grow Cu2O
crystals, is much longer and the number density of the Cu2O crystals is significantly higher
in the presence of radiation. These observations indicate that nucleation and growth of
Cu2O crystals is accelerated in the presence of radiation because the redox reactions
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between Cu2+/Cu(OH)2 and Cu(OH)/Cu2O can couple with H2O2 redox reactions, a similar
manner to the NO3/NO2 redox reactions described in Chapter 5.
Under radiation, as in the absence of radiation, when the solution pH reaches the pka
of the copper hydrolysis reaction, copper hydroxide can precipitate. The rate of copper
oxidation therefore becomes equal to its reduction rate at a pH close to the pKa of cupric
hydroxide. These oxidation and reduction reactions thus keep the solution concentration
constant during Stage 2. However, because of the continuous production of water
radiolysis products, the pH of the solution later, which its start time depends on the solution
conditions) starts to decrease (due to dissolution of HNO3 from headspace into solution),
which allows copper ions to move from the surface/solution interface into the bulk solution.
Thus, although the reduction of copper species is accelerated by radiolysis products (e.g.
NO2/NO3 oxidation and H2O2/O2 oxidation), the pH also gradually decreases with time
(due to the production of H+), accelerating the transfer of copper into the bulk solution, and
overall retarding the increase in copper concentration in the interfacial region. By 480 h,
regardless of the initial pH and type of anions present, the solution pH has dropped to a
value about 3.6. Since the solution pH controls the amount of copper that can be dissolved
and transferred away from the surface/solution interface, the copper oxidation rate can
increase linearly and oxide formation is prevented. Both the previously formed oxide and
the copper metal undergo oxidation at later times and are thus removed from the surface.
As the pH is not expected to go below the value of 3.6, an equilibrium between the radiation




This chapter investigated the evolution of copper corrosion under a continuous flux of
-radiation using coupon exposure tests with solutions containing SO42 and NO3 anions
with different initial pHs, and solution layer thicknesses.
The observed effects of -radiation on copper corrosion are consistent with our
mechanism proposed in earlier chapters. In the presence of radiation, the main oxidant that
can affect copper corrosion in Stage 1 is H2O2. The metal oxidation rate measured in
Stage 1 was similar in the presence and absence of radiation, suggesting that the metal
oxidation rate is determined not by the type of the oxidant present in the solution but instead
by the rate at which copper atoms can be transported from the interface to the bulk solution.
In the presence of radiation, H2O2 is continuously produced, and the concentration is
maintained at a steady-state level. As a result, it can strongly couple with copper redox
reactions, and can have a more significant effect on Stage 2 as observed for the coupling
of nitrate/nitrite redox reactions with copper redox reactions in Chapter 5. In Stage 2, once
the surface is covered with hydrogel the reduction of CuII species (Cu2+/Cu(OH)2) to less
soluble CuI species to (Cu+/Cu(OH)) can couple with the oxidation of H2O2. Once enough
CuI species have formed on the surface, the (Cu+/Cu(OH)) can be oxidized to
(Cu2+/Cu(OH)2), coupled with the reduction of H2O2. Therefore the redox-assisted Ostwald
ripening process can facilitate Cu2O oxide growth earlier in the presence of radiation.
After longer durations in the presence of radiation, the pH of the solution starts to
decrease due to dissolution of HNO3 from the headspace into the solution, which can
facilitate the transport of copper ions from the surface/solution interface into the bulk
solution. The reduction of copper species is accelerated by the presence of radiolysis
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products (e.g. NO2/NO3 oxidation and H2O2/O2 oxidation). However, since the pH
gradually decreases with time (due to the production of H+), the transfer of copper into the
bulk solution is also accelerated, overall retarding the increase in copper concentration in
the interfacial region and prolonging Stage 2.
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AN EXPLANATION FOR THE UNUSUAL OBSERVED
ELECTROCHEMICAL BEHAVIOUR OF COPPER
7.1 INTRODUCTION
Corrosion is an electrochemical process involving interfacial charge transfer at the
metal-solution interface, solution reactions, and transport of reactants and products. Unlike
electrochemical processes on inert electrodes, corrosion involves the interfacial transfer of
metal atoms as well as electrons. The contribution of the metal transfer process in corrosion
makes the interfacial region where solution reactions take place a chemically open system.
The corrosion of copper under naturally corroding conditions was studied in
Chapters 4 and 5. The copper ions that are stable in aqueous solutions are Cu+(solv) and
Cu2+(solv), and Cu2+(solv) is more stable than Cu+(solv), except in basic solutions. Hence,
aqueous corrosion of copper involves oxidation of Cu0(m) to Cu+(solv) and/or Cu2+(solv) at the
metal-solution interface:
Cu0 ⇌ Cu2+(solv) + 2 e (Eq. 7-1)
Cu0 ⇌ Cu+(solv) + e (Eq. 7-2)
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The studies presented in previous chapters revealed that the rates of copper dissolution and
oxide deposition during the different dynamic stages of corrosion correlated well with the
solution parameters. However, a convenient method for determining the oxidation rate is
still needed.
A typical electrochemical cell is designed to minimize the solution resistance (i.e.,
permit fast solution transport). Our previous chapters indicate that copper corrosion in an
electrochemical cell with a large electrolyte volume, a low initial pH, and continuous gas
purging conditions will remain in Stage 1. Similarly, other in-situ measurements, which
require a continuous flow of solution, such as in-situ measurement of dissolved species
using ICP-MS (Inductively Coupled Plasma – Mass Spectrometer) [1,2], can probe the
corrosion rate only in Stage 1.
Most electrochemical processes that occur on chemically inert electrodes involve
two sequential steps, interfacial charge transfer and mass transport. For these processes,
the interfacial-charge-transfer-limiting rate and mass-transport-limiting rate can be
separately determined by performing polarization experiments under different mass
transport conditions (e.g., on a rotating electrode with different rotation rates). Although
the overall metal oxidation process in Stage 1 consists of only two sequential steps,
separate determination of the interfacial-charge-transfer-limiting and mass-transport-
limiting rates of metal oxidation is nearly impossible because metal oxidation involves
interfacial transfer of not only electrons but also mass (metal atoms). On a corroding
electrode, the kinetics of the two elementary steps, (M1) and (trans), (Table 4-2, in
Chapter 4) are not independent of each other but strongly coupled, because the rate of
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each step depends on the chemical activity of Cu2+(solv) in the interfacial region ( 𝑎Cu2+ 𝑖𝑛𝑡);
see details below.
When the overall metal oxidation system progresses beyond Stage 1, correlating
the observed electrochemical parameters (potential and current) to the actual metal
oxidation rate becomes even more complicated. After the Cu(OH)2 hydrogel has formed
on the metal surface, the reduction of Cu2+(solv)/Cu(OH)2 to Cu+(solv)/Cu(OH) (and
subsequent conversion to Cu2O crystals) can occur more easily because the reduction half-
reaction can couple with the oxidation of Cu0(m) to Cu2+(solv).
In Stage 1, the overall metal oxidation quickly reaches a steady state, and at this 1st
steady state the metal oxidation rate (𝒐𝒙) is the same as the rates of the elementary steps
(M1) and (trans) (𝑀1 and 𝑡𝑟𝑎𝑛𝑠), respectively:
𝑜𝑥−𝑆1 ≈ 𝑀1−𝑆1 ≈ 𝑡𝑟𝑎𝑛𝑠−𝑆1 (Eq. 7-3)
where subscript S1 represents the (pseudo-) steady state rate in Stage 1. Hence, the metal
oxidation current (𝑖𝑜𝑥−𝑆1), which represents the net rate of electron transfer due to (M1),
corresponds to the net rate of the metal oxidation half-reaction:
𝑖𝑜𝑥−𝑆1 = 2 𝐹 ∙ 𝑀1−𝑆1 ≈ 2 𝐹 ∙ 𝑜𝑥−𝑆1 (Eq. 7-4)
Beyond Stage 1, it remains the case that 𝑜𝑥 ≈ 𝑀1. However, these rates are no
longer the same as 𝑡𝑟𝑎𝑛𝑠. Furthermore, as the Cu(OH)2 colloid concentration in the
hydrogel increases with time, the cupric ions in the hydrogel can reduce to cuprous ions,
which is referred to as elementary step (M2). When the rate of (M2) (𝑀2) is not negligible,
and 𝑀1 and 𝑀2 are changing with time (in the transition from Stage 1 to Stage 2), the
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net current generated from overall metal oxidation no longer corresponds to the overall
metal oxidation rate:
𝑖𝑜𝑥 = (2𝐹 ∙ 𝑀1 − 𝐹 ∙ 𝑀2) ≠ 2𝐹 ∙ 𝑜𝑥 (Eq. 7-5)
Once step (M2) begins to occur, it accelerates hydrogel production and decelerates (trans),
and the overall metal oxidation process (Cu0(m) to cuprous and cupric species) transitions
from the first steady state to the next steady state occurs.
The overall copper oxidation process reaches a new (pseudo-) steady-state when
the net production of Cu2+(solv)/Cu(OH)2 becomes negligible, which occurs because as soon
as the cupric species are produced (by (M1) and hydrogel precipitation), they are reduced
to Cu+(solv)/Cu2O (via M2 and Cu2O crystal growth). When overall metal oxidation reaches
the new steady state (Stage 2), 𝑜𝑥−𝑆2 ≈ 𝑀1−𝑆2 ≈ 𝑀2−𝑆2 and the net metal oxidation
current is:
𝑖𝑜𝑥−𝑆2 ≈ (2𝐹 ∙ 𝑀1−𝑆2 − 𝐹 ∙ 𝑀2−𝑆2) ≈ 𝐹 ∙ 𝑜𝑥−𝑆2 (Eq. 7-6)
Thus, when metal oxidation has progressed to Stage 2, 𝑖𝑜𝑥−𝑆2 represents the oxidation of
Cu0(m) to Cu2O crystals is occurring via mixed CuI/CuII hydroxide hydrogel.
The corrosion potential (𝐸𝑐𝑜𝑟𝑟) is the potential at which 𝑖𝑜𝑥 is equal to |𝑖𝑟𝑒𝑑|. If the
potential-current relationships for both 𝑖𝑜𝑥 and |𝑖𝑟𝑒𝑑| do not change as corrosion
progresses, then one can extrapolate either of their polarization curves to 𝐸𝑐𝑜𝑟𝑟 to extract
𝑖𝑐𝑜𝑟𝑟, which is 𝑖𝑜𝑥 or |𝑖𝑟𝑒𝑑| at the 𝐸𝑐𝑜𝑟𝑟 electrode potential. But when a hydrogel layer has
formed in the interfacial region, it affects the transport of metal cations and the oxidant (or
its reactant/product H+/OH–) differently. This further complicates the extraction of 𝑖𝑐𝑜𝑟𝑟
from the observed polarization curves.
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Copper corrosion at a higher pH or a lower solution layer thickness progresses faster
through Stage 1 because of faster and earlier saturation of the interfacial region. Most
existing copper corrosion studies assume that the elementary redox half-reactions that
occur on a corroding metal do not change with time but that the transport behaviours of the
metal cations or the oxidant and its reduction product change as the solution transport
conditions change [3–6] or oxide deposits accumulate or grow [7,8]. Interpretation of the
corrosion product or electrochemical analyses based on such assumptions may not result
in an accurate assessment of the copper corrosion rate and its evolution as a function of
solution parameters.
This chapter investigates copper corrosion using electrochemical techniques and
discusses the reactions that can control the rate of metal oxidation at corrosion potentials
measured in solutions containing different oxidant(s).
7.2 EXPERIMENTAL PROCEDURE
The electrochemical tests in this chapter used a conventional cell consisting of a SKB
copper working electrode, a reference electrode, and a Pt mesh counter electrode. One
circular surface of the copper coupon (0.79 cm2) was left exposed, with the surrounding
areas covered with Teflon and Parafilm. Prior to each experiment, the flat electrode
surfaces were polished (using a series of silicon carbide papers up to 1200 grit), cleaned
with deionized water (Type 1 water), and dried under argon gas. All solutions were
prepared using Type 1 water (purified using a NANO pure Diamond UV ultra-pure water
system from Barnstead International) with a resistivity of 18.2 MΩcm. Solutions were
prepared using Anachemia ACS grade sulfuric acid (H2SO4) and nitric acid (NaNO3), and
240
Anachemia ACS grade sodium sulfate (NaSO4) and sodium nitrate (NaNO3), purchased
from Sigma Aldrich.
A saturated calomel electrode (SCE) (Fisher Scientific) was used for experiments in
large solution volumes, while a silver sulfate electrode was used as the reference electrode
for the experiments in small solution volumes: on the surface of a 1 mm diameter silver
wire, a very thin layer of silver sulfate was grown by applying a current of 10 mA in 0.1 M
NaSO4 for 10 min. All experiments were carried out at 21 °C.
The electrochemical analyses carried out in this chapter were (i) measurement of
corrosion potential (𝐸𝑐𝑜𝑟𝑟) as a function of corrosion time (𝑡corr) for 15 h in 500 ml solutions
of non-buffered 5 mM H2SO4, 5 mM Na2SO4, and 10 mM HNO3 solutions, (ii) 𝐸𝑐𝑜𝑟𝑟
measurement in aerated 1 ml and 5 ml 5 mM SO42– solutions at different initial pHs (iii)
multiple cycles of CV in 500 ml solutions of non-buffered 5 mM H2SO4, 5 mM Na2SO4,
10 mM HNO3, and 10 mM NaNO3 solutions immediately after cleaning at 1.0 VRHE, and
15 h after 𝐸𝑐𝑜𝑟𝑟 measurement. The scan rate in the cyclic voltammetry experiments was
5 mVs–1.
All experiments were conducted at 21 °C. For all Ar-purged experiments, the
electrolyte solution was Ar-purged for 1 hour prior to the experiment and purging
continued throughout the test duration.
7.3 RESULTS AND DISCUSSION
The 𝐸𝑐𝑜𝑟𝑟 measurements and CV experiments were performed in sulfate and nitrate
solutions to evaluate the interfacial charge transfer rates and investigate the feasibility of a
Tafel extrapolation method for measuring the copper corrosion rate.
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7.3.1 Corrosion Potentials
To investigate the evolution of corrosion dynamics, the 𝐸𝑐𝑜𝑟𝑟 values monitored as
a function of time during copper corrosion in various solutions are shown in Figure 7-1.
Figure 7-1: Time-dependent behaviours of 𝐸𝑐𝑜𝑟𝑟 of Cu in large volume solutions of: Ar-
purged 5 mM sulfuric acid (labelled “H+”), aerated 5 mM sulfuric acid (“O2”) aerated
5 mM sulfuric acid (“O2”), Ar-purged 10 mM HNO3 (“NO3–”) aerated 10 mM HNO3 (“O2
+ NO3–”) and solutions of small volume: 5 mM SO42– pH0=0 (“pH 2, O2”) and 5 mM
SO42– pH0 3.0 (“pH 3, O2”).
The overpotential (𝑟𝑥𝑛), which is the difference between the electrode potential
(𝐸𝑐𝑜𝑟𝑟 under naturally corroding conditions or 𝐸𝑎𝑝𝑝 applied during polarization) and the
equilibrium potential of a given redox half-reaction (𝐸𝑟𝑥𝑛
𝑒𝑞 ), is what controls the net rate of
that half-reaction [9,10]. Corrosion occurs because corrosion system is trying to reach
(quasi-) equilibrium or steady state. Thus, to determine the steady state that the corroding
system is evolving to and to identify the rate determining half reactions, the 𝐸𝑟𝑥𝑛
𝑒𝑞  values of
redox half-reactions involving some copper species are shown in Figure 7-1 and in later
figures. These 𝐸𝑟𝑥𝑛
𝑒𝑞  values were calculated from the standard potentials (𝐸𝑟𝑥𝑛𝑜 ) available in
the literature [11], with appropriate equilibrium concentrations (or chemical activities), as
described below. When 𝐸𝑟𝑥𝑛𝑜  was not available, it was calculated from the known Gibbs
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free energies of formation of the reactants and products of the reaction [12] - see
Appendix C for details on the calculation of 𝐸𝑟𝑥𝑛
𝑒𝑞 .
The 𝐸𝑟𝑥𝑛
𝑒𝑞  values for most half-reactions decrease 60 mV per unit pH increase on the
potential scale (VSHE) with respect to the standard hydrogen electrode potential. Thus, to
compare the results obtained at different pHs or changing pH with time, all potentials (𝐸𝑟𝑥𝑛
𝑒𝑞 ,
𝐸corr and 𝐸app) are presented on the VRHE scale which uses the reversible hydrogen
electrode (RHE) potential (𝐸RHE) as a reference potential:
2 H+ + 2 e ⇄ H2 𝐸RHE = 𝐸H+⇄ H2(1 𝑎𝑡𝑚)
𝑒𝑞 = 0.0 VRHE at all pHs (Eq. 7-7)
The difference in 𝐸corr on the VRHE scale directly correlates to the difference in
overpotential (𝑟𝑥𝑛) for half-reaction (rxn), regardless of pH.
The fraction of hydrogen in normal air is ~ 6  10–7 [13], and the equilibrium
potential for proton reduction in solutions exposed to normal air (𝐸H+⇄ H2(𝑎𝑖𝑟)
𝑒𝑞 ) was
calculated to be 0.154 VRHE. The equilibrium potential for O2 reduction (𝐸O2(𝑎𝑖𝑟)⇌OH−
𝑒𝑞 ) is
1.20 VRHE, outside the potential range shown in the figure. The equilibrium potentials for
the redox half-reactions involving polyoxygenated anions (SO42– and NO3) are discussed
in more detail in Appendix C. These polyoxygenated anions can undergo multiple
reduction steps. For example, SVIO42– can reduce to SIVO32– and SIV2O62, and then to S0
and to S2. The equilibrium potentials for the thermodynamically possible reduction
reactions of sulfate (listed in Appendix C) are all below 0.179 VRHE and hence are not
shown in Figure 7-1. Similarly, NO3 can reduce to NO2, NO, N2O, N2 and to NH3/NH4+.
Although the reduction of NO3 to NH4+ is thermodynamically favoured (see
Appendix C), for kinetic reasons only the first reduction step can effectively couple with
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copper oxidation [14]. The equilibrium potential the for NO3/NO2 half-reaction
(𝐸NO3−⇌NO2−
𝑒𝑞 ) [14] is higher than the potential range shown in the figure, but it should be
noted that this value was calculated assuming the chemical activities (~ concentrations) of
the redox pair to be 1.0 because their actual concentrations in the interfacial region were
not available.
The equilibrium potentials of the redox half-reactions involving solid copper species,
𝐸Cu2O⇌Cu0
𝑒𝑞  and 𝐸Cu(OH)2⇌Cu0
𝑒𝑞 , were calculated from the known Gibbs free energies of
formation of the solid species [15] and using chemical activities for the solid species of 1.0.
The 𝐸
Cu2+⇄Cu0
𝑒𝑞  of the redox half-reaction involving solvated Cu2+(solv) depends on the
chemical activity of Cu2+(solv) in the interfacial region, 𝑎Cu2+ 𝑖𝑛𝑡:
Cu0(m) ⇄ Cu2+(solv) + 2 e (Eq. 7-8)
As discussed in detail later, 𝑎Cu2+ 𝑖𝑛𝑡 depends on the redox and transport environments
and can vary as corrosion progresses [16]. Nevertheless, a value for 𝐸
Cu2+⇄Cu0
𝑒𝑞  can be
defined when 𝑎Cu2+ 𝑖𝑛𝑡 is at the solubility limit of Cu(OH)2(solid) because transition metal
cations dissolved in aqueous solution are in fast hydrolysis equilibrium:
Cu2+ + n H2O ⇌ Cu(OH)x2-x + x H+ + (n-x) H2O where x = 1, 2, or 3 (Eq. 7-9a)
where  Cu2+(solv)  Cu2+ + Cu(OH)+ + Cu(OH)2(solv) + Cu(OH)3   (Eq. 7-9b)
In these chemical equations, Cu(OH)2(solv) represents the solvated Cu(OH)2 molecule. The
relative ratios of the different chemical forms of cupric ion depend on pH. When the total
amount of cupric ion in the interfacial region exceeds the solubility limit of Cu(OH)2(solid),
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the Cu2+(solv) at its solubility limit establishes a phase-partitioning equilibrium with solid
metal hydroxide [17–19]:
Cu2+(solv) (+ y OH) ⇄ Cu(OH)2(solid) (Eq. 7-10)
Hereafter, the phase designation subscripts (solv) and (solid), will be omitted from Cu2+(solv)
and Cu(OH)2(solid) unless clarification is needed. Because of the hydrolysis and phase-
partitioning equilibria, 𝑎Cu2+ 𝑖𝑛𝑡 does not vary with time but stays at the solubility limit:
Cu2+(sat’d) + 2 e ⇄ Cu0(m) 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 = 0.342 VRHE (Eq. 7-11)
The equilibrium potential for the redox half-reaction between Cu+(sat’d) and Cu0(m) was
obtained the same way:
Cu+(sat’d) + e ⇄ Cu0(m) 𝐸Cu+(sat'd)⇄Cu0
𝑒𝑞 = 0.521 VRHE (Eq. 7-12)
When the steady-state concentrations of Cu2+ and Cu+ in the interfacial region are below










𝑒𝑞  (Eq. 7-14)
As discussed in more detail later, there are two possible pathways for forming solid
Cu(OH)2 from oxidation of Cu0(m). One pathway involves direct interfacial transfer of
copper atoms from the solid metal to the solid hydroxide phase at the metal-hydroxide
interface, coupled with interfacial transfer of OH from the solution phase to the solid
hydroxide at the hydroxide-solution interface, via electron transfer through the solid
hydroxide phase. In this pathway, the metal is not exposed to the aqueous solution. This is
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a very energetic process, not only thermodynamically (high Gibbs free energy of reaction,
i.e., high 𝐸Cu(OH)2⇌Cu0
𝑒𝑞 ) but also has high activation energy [20–22].
Cu(OH)2(solid) + 2 H+ + 2 e ⇄ Cu0(m) + 2 H2O𝐸Cu(OH)2⇌Cu0
𝑒𝑞 = 0.593 VRHE (Eq. 7-15)
The second pathway involves oxidation of Cu0(m) to Cu2+(solv) followed by precipitation of
Cu2+(solv) with OH when 𝑎Cu2+ 𝑖𝑛𝑡 is at or above its saturation limit. Due to the hydrolysis
and phase-partitioning equilibria, the redox half-reaction of Cu0(m) to Cu2+(solv) when the
interfacial region is saturated with Cu2+(solv), is also in equilibrium with the redox half-
reaction of Cu0(m) to Cu(OH)2:
       Cu0(m) +2 H2O ⇄ Cu2+(sat’d) + 2 H2O + 2 e ⇄ Cu(OH)2(gel) + 2 H+ + 2 e (Eq. 7-16)
Cupric hydroxide is hygroscopic and the Cu(OH)2 precipitates initially as colloids, which
can then aggregate to form a hydrogel network [23–25] (see Chapters 4 and 5). To
differentiate from the solid layer of Cu(OH)2 in contact with copper metal considered in
reaction (Eq. 7-15), the Cu(OH)2 formed by precipitation of dissolved cupric ion is
represented by Cu(OH)2(gel) in the above equation. Hence, when both redox species, Cu0(m)





𝑒𝑞 = 0.342 VRHE (Eq. 7-17)
The second pathway for Cu(OH)2 formation occurs in more than one elementary step (as
discussed in Chapters 4 and 5) but each step has a much lower activation energy. Hence,
the second pathway is kinetically much more favourable than those of the first pathway
involving solid to solid state conversion of copper atoms.
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Although 𝐸𝑐𝑜𝑟𝑟 alone does not provide kinetic information, comparison of 𝐸𝑐𝑜𝑟𝑟 with
the 𝐸rxn
𝑒𝑞  values of the redox half-reactions that can potentially occur on the copper metal
can provide mechanistic information. The data presented in Figure 7-1 contain some
observations that cannot be easily explained with, and/or are contradictory to, existing
understanding or models of the copper corrosion process. These observations are addressed
in the following paragraphs.
The 𝐸𝑐𝑜𝑟𝑟 values observed during copper corrosion in all the solutions studied are
below 𝐸Cu2O⇌Cu0
𝑒𝑞  or 𝐸
Cu+(sat'd)⇄Cu0
𝑒𝑞 . The exception is for 𝐸𝑐𝑜𝑟𝑟 in the Ar-purged solution
initially containing 10 mM NaNO3 at near-neutral pH. In this solution, 𝐸𝑐𝑜𝑟𝑟 ≈
𝐸NO3−⇌NO2−
𝑒𝑞 . It is often argued that Cu0(m) must be oxidized to the lower oxidation-state
CuI species before being oxidized further to CuII species [26–28]. This may be the case for
chemisorption of O2 on copper surface, because of the electronic configuration of the
copper atom ([Ar]3d104s1) [29,30]. Thus, CuI2O is more stable as an adsorbed species on
the metal than as a molecular species in the gas phase [31,32]. In aqueous corrosion, copper
atoms are transferred from the metal to the solution phase. The cupric ion is much more
stable than the cuprous ion in aqueous solution; the solubility of Cu2+(solv) is several orders
of magnitude larger than that of Cu+(solv) at acidic pHs ([33] and Chapter 4). The
electrochemical equilibrium potentials of copper redox reactions reflect this; 𝐸
Cu+(sat'd)⇄Cu0
𝑒𝑞
is about 180 mV higher than 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞 , while 𝐸Cu2O⇌Cu0
𝑒𝑞  is about 130 mV lower than
𝐸
Cu(OH)2⇄Cu0
𝑒𝑞  and 334 mV lower than 𝐸CuO⇌𝐶𝑢2𝑂
𝑒𝑞  [33]. Thus, when copper metal is in contact
with aqueous solution Cu0(m) is preferentially oxidized to Cu2+(solv). This means that for
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copper to corrode it is not necessary to have strong oxidants with high concentrations
resulting in 𝐸rxn
𝑒𝑞  values higher than 𝐸
Cu+⇄Cu0
𝑒𝑞  or 𝐸Cu2O⇌Cu0
𝑒𝑞 .
For copper, it took a few hours for 𝐸𝑐𝑜𝑟𝑟 to reach a steady-state value. In large volume
solutions, once 𝐸𝑐𝑜𝑟𝑟 had reached a steady-state value, it remained at this value for the
remainder of the test duration (15 h). In small volume solutions, for which the 𝐸𝑐𝑜𝑟𝑟
measurements were conducted for much longer durations (190 h at pH0 2.0 and 60 h at
pH0 3.0), 𝐸𝑐𝑜𝑟𝑟 continued to evolve from the 1st to the 2nd steady state after tens of hours
and afterwards to the 3rd steady state. The observed time to reach the 1st steady state is
much longer than required for interfacial electron transfer or solution transport of
oxidant(s) to reach a steady state. Thus, we attribute the initial slow change in 𝐸𝑐𝑜𝑟𝑟 to a
change in 𝑎Cu2+ 𝑖𝑛𝑡 as metal oxidation progresses, where 𝑎Cu2+ 𝑖𝑛𝑡 is determined by 𝑀1
and 𝑡𝑟𝑎𝑛𝑠 while 𝑀1 = 𝑀1𝑓 − 𝑀1𝑟  and 𝑡𝑟𝑎𝑛𝑠 vary with 𝑎Cu2+ 𝑖𝑛𝑡 (i.e., a systemic
feedback loop is established).
The initial 𝐸𝑐𝑜𝑟𝑟 value was higher in more oxidizing environments (i.e., in the
presence of an oxidant with a higher 𝐸rxn
𝑒𝑞 ). For example, it was higher in the aerated 10 mM
HNO3 solution (in which the main oxidants were O2 and NO3) than in the aerated 5 mM
H2SO4 solution (in which the main oxidant was O2). The initial 𝐸𝑐𝑜𝑟𝑟 values in these
solutions were higher than in the Ar-purged 10 mM HNO3 solution (i.e., NO3 only without
O2 present), and much higher than in the presence of H+ alone without O2 or NO3 (i.e., in
the Ar-purged 5 mM H2SO4 solution).
In the presence of 0.2 mM O2 on its own (dissolved O2 concentration in phase-
partitioning equilibrium with normal air), or 10 mM NO3 on its own (+ any residual O2
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not removed by constant Ar-purging), the initial 𝐸𝑐𝑜𝑟𝑟 was close to 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 .
However, 𝐸𝑐𝑜𝑟𝑟 is constant with time in the O2-only solution, while it decreased in the
NO3-only solution. The initial 𝐸𝑐𝑜𝑟𝑟 value was higher in the presence of both O2 and NO3
than in the presence of O2 or NO3 alone. These observations indicate that 10 mM NO3 is
as effective an oxidant, or more effective, than 0.2 mM dissolved O2, at early times when
the chemical activity of the initial oxidation product Cu2+(solv) in the interfacial region is
below its saturation limit and changing with time. This is consistent with the CV results
discussed later where the current in the cathodic potential range is much larger for
Ar-purged 10 mM HNO3 solution than for aerated 5 mM H2SO4 solution.
For solutions containing O2 alone or NO3 alone the initial 𝐸𝑐𝑜𝑟𝑟 values were similar.
However, in the presence of O2 alone 𝐸𝑐𝑜𝑟𝑟 is constant with time, reaching a steady-state
value near 30 mV above 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞  while in the presence of NO3 alone it decreased,
reaching 30 mV below 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞 . Although the initial 𝐸𝑐𝑜𝑟𝑟 value was higher in the
presence of both O2 and NO3 than in the presence of O2 alone, the 𝐸𝑐𝑜𝑟𝑟 values in the two
solutions approached the same 1st steady-state value, which was about 30 mV above
𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞 . This 𝐸𝑐𝑜𝑟𝑟 value is about 475 mV below 𝐸NO3−⇌NO2−
𝑒𝑞  and 825 mV below
𝐸O2(𝑎𝑖𝑟)⇌OH−
𝑒𝑞 . (Note that the 𝐸NO3−⇌NO2−
𝑒𝑞  value was obtained assuming the chemical
activities of NO3 and NO2 were the same. Unless the bulk solution concentrations of both
NO3 and NO2 are controlled, the steady-state concentration of NO2 in the interfacial
region is not easily defined. A lower concentration of NO2 than NO3 in the interfacial
region would yield a higher 𝐸NO3−⇌NO2−
𝑒𝑞  values). Although there are uncertainties
associated with 𝐸NO3−⇌NO2−




𝑒𝑞  than with the equilibrium potentials of the redox half-
reaction(s) of oxidant(s) present in solution.
The observation that 𝐸𝑐𝑜𝑟𝑟 decreased with time before reaching a steady state in the
presence of NO3, whether O2 was also present or not, is consistent with the catalytic effect
of NO3 on copper oxidation observed in the previous study presented in Chapter 5. This
study found that during the later stages of copper corrosion, NO2, the reduction product
of NO3, can oxidize back to NO3 by coupling with the reduction of Cu2+/Cu(OH)2 to
Cu+/Cu(OH) in the hydrogel layer, which accelerates the precipitation of mixed CuI/CuII
hydroxide hydrogel and the growth of Cu2O crystals. The catalytic effect of NO3 in
Stage 1 could not be probed in Chapter 5. In the large-volume solutions of the
electrochemical cell, copper corrosion will not proceed beyond Stage 1 within 15 h (see
Chapters 4 and 5). In Stage 1, when hydrogel production is negligible and hence transport
of Cu2+(solv) from the metal surface to the bulk solution is not impeded, the redox half-
reactions involving NO3 and NO2 can couple with the redox half-reactions involving
Cu0(m) and Cu2+(solv):
(a) Coupling of copper oxidation with nitrate reduction:
Cu0(m)  Cu2+(solv) + 2 e (Eq. 7-18a)
NO3 + 2 H+ + 2 e  NO2 + H2O (Eq. 7-18b)
Cu0(m) + NO3 + 2 H+  Cu2+(solv) + NO2 + 2 H2O (Eq. 7-18c)
(b) Coupling of cupric reduction with nitrite oxidation:
Cu2+(solv) + 2 e  Cu0(m) (Eq. 7-19a)
NO2 + H2O  NO3 + 2 H+ + 2 e (Eq. 7-19b)
Cu2+(solv) + NO2 + 2 H2O  Cu0(m) + NO3 + 2 H+ (Eq. 7-19c)
(c) Full reversible redox reaction:
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Cu0(m) + NO3 + 2 H+ ⇌ Cu2+(solv) + NO2 + 2 H2O (Eq. 7-20)
Initially, the concentrations of Cu2+(solv) and NO2 are zero, but once corrosion has begun
their concentrations increase, and the rate of the reverse of (Eq. 7-20) increases. That is,
the net rates of both the metal oxidation and nitrate reduction half-reactions decrease with
time. The overall result is that 𝐸𝑐𝑜𝑟𝑟, at which the overall current (the sum of all the
oxidation and reduction currents) is zero, decreases with time.
The coupling between the reduction half-reaction of Cu2+(solv) to Cu0(m) with the
oxidation half-reaction of OH to O2 is not as effective as with that involving NO2 to NO3,
because the oxidation of OH to O2 is a very high-activation-energy process. Hence, in the
presence of O2 only the concentrations of Cu2+(solv) and OH in the interfacial region
increase with time but OH prefers to diffuse out into the bulk solution rather than reducing
Cu2+(solv) to Cu0(m). Accordingly, the net rate of metal oxidation decreases while the net rate
of O2 reduction is not affected. The overall result is that 𝐸𝑐𝑜𝑟𝑟 increases with time and
becomes stable in a short time. Although 𝐸𝑐𝑜𝑟𝑟 was initially higher in the presence of both
O2 and NO3 than in the presence of O2 only, it reached the same steady-state value, 30 mV
above 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞 , in both cases.
The observed effects of O2 only, NO3 only and (O2 + NO3) on 𝐸𝑐𝑜𝑟𝑟 behaviour
indicate that the metal oxidation rate is not affected by type or concentration of oxidant
when sufficient amount of oxidant(s) is present at the interface that can facilitate the
oxidation of Cu0(m) to Cu2+(solv). This is consistent with the findings from the previous
studies that the copper corrosion system reaches the 1st steady state (in Stage 1) when
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𝑎Cu2+ 𝑖𝑛𝑡 no longer changes with time, and that at the steady state, 𝑜𝑥−𝑆1 ≈ 𝑀1−𝑆1 ≈
𝑡𝑟𝑎𝑛𝑠−𝑆1 ≈ constant with time.
In the presence of O2, whether NO3 is present or not, 𝑎Cu2+ 𝑖𝑛𝑡 quickly reaches a
value close to the saturation limit while the bulk concentration remains negligible. When
the interfacial region solution is saturated with Cu2+(solv), the oxidation of Cu0(m) to Cu2+(solv)
can proceed only at the rate of the removal of Cu2+(solv) from the interfacial region. In
Stage 1 the main removal process is transport into the bulk solution. The mass transport
rate, 𝒕𝒓𝒂𝒏𝒔−𝑺𝟏 is dependent on diffusion rate coefficient and concentration gradient. In
Stage 1, the concentration gradient is independent of the type and concentration of oxidant
present (assuming sufficient amount of oxidant(s) is present), but dependent upon solution
transport parameters, such as electrode rotation rate or gas-purging rate.
In the presence of the weak oxidant H+ alone, metal oxidation still occurs. However,
because the proton reduction half-reaction partially controls the metal oxidation half-
reaction, 𝑎Cu2+ 𝑖𝑛𝑡 does not reach its saturation limit. Consequently, for the H
+ solution
the steady-state 𝐸𝑐𝑜𝑟𝑟 value remains at about 60 mV below 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 .
In small volume solutions (solution layer thickness of 1.3 cm) under stagnant
conditions, the 𝐸𝑐𝑜𝑟𝑟 time-dependent behaviour was different from that observed in large
volume solutions under continuous purging with air. In the small-volume, stagnant
solutions at two different initial pHs (pH0), 𝐸𝑐𝑜𝑟𝑟 was initially higher but decreased with
time, reaching the same 1st steady-state value within 5 h.
The 1st steady-state value was similar to the initial 𝐸𝑐𝑜𝑟𝑟 observed in the large-
volume, constantly air-purged solution at pH0 2.0. In the small volume solution, 𝐸𝑐𝑜𝑟𝑟
remained at the 1st steady state for about 20 h for pH0 = 2.0 and for about 5 h for pH0 = 3.0,
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before it rapidly evolved to the 2nd steady state. The evolution to 3rd steady state occurs
after about 70 h for pH0 = 2.0 and about 20 h for pH0 = 3.0. The 2nd steady-state values
were the same for both pH0 values, and they were also similar to the steady-state value
observed in the large volume solution at pH0 = 2.0. The times when the evolution from 1st
to the 2nd steady state and from the 2nd to 3rd steady state occurred were ~ 20 h and ~ 70 h,
respectively, for pH0 = 2.0. These times are very similar to those when Stage 2 began,
observed in the previous study on copper corrosion in the same redox and transport
environments (see Chapter 4). The previous study found that in Stage 1 overall metal
oxidation occurs primarily via two sequential elementary steps (M1) and (trans), and
𝑜𝑥−𝑆1 ≈ 𝑀1−𝑆1 ≈ 𝑡𝑟𝑎𝑛𝑠−𝑆1. In aerated solutions, 𝑎Cu2+ 𝑖𝑛𝑡 is near its saturation limit,
whereas the bulk Cu2+ concentration is far below the saturation limit. The transition from
Stage 1 to Stage 2 occurs when the bulk Cu2+ and OH concentrations are no longer
negligible, significantly reducing 𝑡𝑟𝑎𝑛𝑠. Due to the reduction in 𝑡𝑟𝑎𝑛𝑠 the Cu2+ saturation
front begins to expand, and within the saturated solution in the interfacial region hydrolysis
and precipitation of Cu2+ as Cu(OH)2, initially as colloidal particles and then a hydrogel
network, begin to accelerate. The formation of the hydrogel network further impedes the
overall transport of cupric ions from the metal surface to the bulk solution but not the
transport of dissolved oxidant(s) (see detailed discussion in Chapter 4). Hence, although
𝑜𝑥 ≈ 𝑀1 ≈ 𝑡𝑟𝑎𝑛𝑠, the net metal oxidation current is smaller during the transition period,
resulting in slightly a higher 𝐸𝑐𝑜𝑟𝑟 than in Stage 1. The final steady-state 𝐸𝑐𝑜𝑟𝑟 value




𝑒𝑞 . This is consistent with the copper corrosion mechanism proposed in the
previous chapters. In Stage 2, the net production rates of intermediate products, Cu2+(solv)
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in the bulk solution and Cu(OH)2 colloids in the hydrogel network, are negligible, and the
main corrosion product is Cu2O crystals. In this stage, 𝑜𝑥−𝑆2 ≈ 𝑀1−𝑆2 ≈ 𝑀2−𝑆2. That
is, the overall copper redox system is in a dynamic equilibrium in which the overall
oxidation rate of Cu0(m) to Cu2+(solv) (which then precipitates as Cu2O crystals) is nearly the
same as the overall reduction rate of Cu2O to Cu0(m) on a macroscopic time scale. On the
other hand, the net metal oxidation current is the sum of the currents arising from (M1) and
(M2); 𝑖𝑜𝑥 = 𝑖𝑀1 − |𝑖𝑀2|. From the Faraday Law and the equality 𝑀1−𝑆2 ≈ 𝑀2−𝑆2, the
net metal oxidation current in Stage 2 is the current from (M2), 𝑖𝑜𝑥 ≈ |𝑖𝑀2|.
The durations of Stage 1 and the transition from Stage 1 to Stage 2 were shorter at
the higher pH0. This is also consistent with the proposed mechanism. Unlike the oxidant
reduction half-reaction, the oxidation of Cu0(m) to Cu2+(solv) involves interfacial transfer of
atomic species as well as electrons. The transfer of metal atoms from the solid state to the
dissolved state is a partially entropy-driven process. That is, the charge transfer kinetics at
the metal-solution interface do not follow Butler-Volmer kinetics, which assume that the
chemical species involved in interfacial electron transfer are in solution redox equilibrium
at the interface. For metal oxidation, interfacial charge transfer involves transfer of a metal
atom from a highly ordered state to a semi-disordered state. Hence, at potentials above a
threshold energy characteristic to the metal, metal atoms will continue to oxidize and
transfer irreversibly from the metal to the solution phase when the interfacial solution is
not saturated with the metal cation. When there is enough oxidant to provide the electrons
required for oxidation the rate of metal atom transfer is not controlled by electron transfer
but the capacity of the solution to accept metal cations, i.e., the metal cation solubility in
the solution. Thus, for a given oxidant the net rate of oxidation of Cu0(m) to Cu2+(solv) is
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independent of pH. However, the oxidation cannot proceed further after 𝑎Cu2+ 𝑖𝑛𝑡 reaches
its saturation limit unless Cu2+ is removed from the interfacial region either via diffusion
or via precipitation. As described earlier, the transport of cupric ion slows down while the
precipitation of cupric ion as Cu(OH)2 is accelerated as the concentration of Cu2+ in the
bulk solution approaches its saturation limit. (Note that [OH] also increases as corrosion
progresses.) Hence, rapid changes in cupric ion transport and precipitation occur earlier for
higher pHs.
The observed effects of oxidant and pH on the time-dependent behaviour of 𝐸𝑐𝑜𝑟𝑟
are consistent with the conclusions drawn and the corrosion mechanism proposed in the
previous studies presented in Chapters 4 and 5. However, 𝐸𝑐𝑜𝑟𝑟 alone does not provide
any information on metal oxidation (corrosion) kinetics. Interfacial electron transfer
kinetics depend on electrode potential, and 𝐸𝑐𝑜𝑟𝑟 represents the open circuit potential or
the electrode potential under naturally corroding conditions. Charge conservation during
natural corrosion (without external polarization) dictates that the net metal oxidation
current (𝑖𝑜𝑥) must be the same as the net reduction current (𝑖𝑟𝑒𝑑) in magnitude but opposite
in sign and hence, the overall current is zero at 𝐸𝑐𝑜𝑟𝑟. To obtain kinetic information,
polarization experiments were performed to establish the dependences of 𝑖𝑜𝑥 and 𝑖𝑟𝑒𝑑 on
the applied electrode potential (𝐸𝑎𝑝𝑝), from which the value of 𝑖𝑜𝑥 or |𝑖𝑟𝑒𝑑| at the measured
𝐸𝑐𝑜𝑟𝑟 can be extracted, if the assumptions required for this Tafel extrapolation are valid.
The current-potential relationship was explored using cyclic voltammetry method.
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7.3.2 Cyclic Voltammetry
Cyclic voltammetry experiments were performed in the same solutions in which the
𝐸𝑐𝑜𝑟𝑟 measurements were carried out: large volume solutions (500 mL) initially containing
5 mM H2SO4 or 10 mM HNO3 under constant gas (either with Ar or air) purging. For each
CV cycle, the potential was scanned at a rate of 5 mVs-1 from 0.31 VRHE to 0.65 VRHE and
then reversed back to 0.31 VRHE and the cycle was repeated 5 times. Two sets of CV
experiments were performed in each solution. The first set was performed immediately
after cathodic cleaning for 5 min at 1.2 VRHE. The second set of CV experiments was
conducted following 15-h 𝐸𝑐𝑜𝑟𝑟 measurement. For this set, the potential was first scanned
to the more negative potential direction from 𝐸𝑐𝑜𝑟𝑟 to 0.31 VRHE, followed by 5 full
potential scan cycles from 0.31 VRHE to 0.65 VRHE and then back to 0.31 VRHE.
7.3.2.1 CVs in H+ and O2 Solutions
The CVs obtained in the solutions initially containing 5 mM H2SO4 under
continuous purging with Ar or air are presented in Figure 7-2. In the Ar-purged solution,
the species that can reduce at an 𝐸𝑎𝑝𝑝 above 0.31 VRHE (the lower vertex potential used
in the CV scans) is H+. There might have been some residual O2, but the current from its
reduction should be smaller than the proton reduction current in cathodic potential ranges
(hence the designation of this solution as the H+ solution). In the aerated solution (partial
pressure of O2  0.21 atm), both H+ and O2 can reduce in the scanned potential range but
the H+ reduction current is negligible compared to the O2 reduction current (hence, the
designation of this solution as the O2 solution). As discussed earlier, SO42 does not reduce
as easily as H+ or O2, and hence will not generate current during the CV scan.
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Figure 7-2: The 𝐸𝑎𝑝𝑝 vs log 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 relationship observed during cyclic voltammetry of
Cu conducted with different prior Ecorr times/measurements and 𝐸𝑐𝑜𝑟𝑟 vs 𝑡𝑐𝑜𝑟𝑟 in Ar-
purged 5 mM sulfuric acid (“H+”) and aerated 5 mM sulfuric acid (“O2”). The plots show
the 1st cycle (black line) and 5th cycle (red line). Solid lines represent the forward scans,
and broken lines the reverse scans. The thinner black line for 𝑡𝑐𝑜𝑟𝑟 = 15 h shows the first
reverse scan from 𝐸𝑐𝑜𝑟𝑟 to –0.3 VRHE.
The 𝑙𝑜𝑔|𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| vs 𝐸𝑎𝑝𝑝 relationships observed during multiple cycles of CV
performed in the H+ and the O2 solutions exhibited behaviours that are not consistent with
the existing understanding of the electrochemical behaviours of corroding systems. These
include: (i) the potential of zero current, 𝐸𝑖=0, did not coincide with 𝐸𝑐𝑜𝑟𝑟. The 𝐸𝑖=0,𝑟
(𝐸𝑖=0 on the reverse scan) was higher than the 𝐸𝑖=0,𝑓 (𝐸𝑖=0 on the forward scan), and the
difference between 𝐸𝑖=0,𝑓 and 𝐸𝑖=0,𝑟 (∆𝐸𝑖=0) was much smaller in the O2 solution than in
the H+ solution although the same potential scan rate was used; (ii) repeated cycling had a
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negligible to minor effect on the 𝑙𝑜𝑔|𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| vs 𝐸𝑎𝑝𝑝 relationship, while (iii) potential-
scan direction had a significant effect on this relationship, particularly in the cathodic
potential range (𝐸𝑐𝑜𝑟𝑟 − 0.50 VRHE) to 𝐸𝑐𝑜𝑟𝑟; and |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| at a specific 𝐸𝑎𝑝𝑝 in the
cathodic potential range was significantly larger on the reverse scan than on the forward
scan, whereas 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 at 𝐸𝑎𝑝𝑝 in the anodic potential range was nearly same or slightly
smaller on the reverse scan than on the forward scan.
The current measured at 𝐸𝑎𝑝𝑝 during polarization is the sum of the currents arising
from the overall metal oxidation half-reaction (𝑖𝑜𝑥) and the overall reduction of oxidant(s)
(𝑖𝑟𝑒𝑑) that occur at that 𝐸𝑎𝑝𝑝:
𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 𝐸𝑎𝑝𝑝 = 𝑖𝑜𝑥 𝐸𝑎𝑝𝑝 − 𝑖𝑟𝑒𝑑 𝐸𝑎𝑝𝑝 (Eq. 7-21)
It is typically assumed that 𝑖𝑜𝑥 𝐸𝑎𝑝𝑝 ≪ 𝑖𝑟𝑒𝑑 𝐸𝑎𝑝𝑝  at 𝐸𝑎𝑝𝑝 in cathodic potential ranges
(normally below 30 to 60 below 𝐸𝑐𝑜𝑟𝑟). Hence, the potential dependence of |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in
the cathodic potential range is assumed to arise from that of |𝑖𝑟𝑒𝑑|, i.e., 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 𝐸𝑎𝑝𝑝 ≈
𝑖𝑟𝑒𝑑 𝐸𝑎𝑝𝑝 . However, the observed potential dependences of |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the cathodic
potential ranges did not reflect that expected for the H+ or O2 reduction current. The
potential dependence of the O2 reduction current ( 𝑖O2⇌OH− ) in the cathodic potential range
is first examined and compared with those of |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| obtained in the O2 and H+
solutions.
Potential Dependence of the O2 reduction current: The potential dependence of the O2
reduction current on a clean inert metal electrode has been well studied [34,35]. The
reduction of O2 to H2O (⇌ H+ + OH) is known to occur in two elementary steps, the
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1st step involving 2-e transfer from O2 to H2O2 and the 2nd step involving 2-e transfer from
H2O2 to H2O [10]:
O2 + 2 H+ + 2 e–  H2O2 (Eq. 7- 22)
H2O2 + 2 H+ + 2 e–  2 H2O (Eq. 7-23)
In the highest potential range of the CVs (0.8 VRHE > 𝐸𝑎𝑝𝑝 > 0.4 VRHE), the overpotential
for the 1st step is small, while it is very large for the 2nd step. Thus, the 1st step is the rate-
determining step (RDS) for the overall O2 reduction process, and the O2 reduction current
( 𝑖O2⇌OH− ) decreases exponentially with 𝐸𝑎𝑝𝑝, following the Tafel relationship of the
1st step. For mid-range potentials (0.4 VRHE to 0.2 VRHE), O2 transport from the bulk
solution to the metal surface becomes the RDS, and 𝑖O2⇌OH−  becomes independent of
𝐸𝑎𝑝𝑝. In the lowest potential range (< 0.2 VRHE), electron transfer between H2O2 and OH–
(the 2nd step) becomes the RDS, and the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship follows the
2nd step with a Tafel slope of 120 mV/dec.
Potential dependence of 𝒊O2⇌OH−  vs |𝒊𝒎𝒆𝒂𝒔−𝑪𝑽|: It is normally assumed that the
current measured during polarization at cathodic potentials (𝐸𝑎𝑝𝑝 < 𝐸𝑐𝑜𝑟𝑟) arises primarily
from the reduction half-reaction(s) of oxidant(s) [36,37]. If so, the |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the
potential range 0.20 VRHE to 0.30 VRHE (about 60 below 𝐸𝑐𝑜𝑟𝑟 in the O2 solution) should
be independent of 𝐸𝑎𝑝𝑝. What we observed was that |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| decreased with 𝐸𝑎𝑝𝑝 during
the forward CV scan, although it became potential-independent on the reverse scan but
only at potentials below 0.1 VRHE. In the range of potentials between 𝐸𝑖=0,𝑟 and 0.1 VRHE,
|𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| showed a peak near 0.30 VRHE, which was about 30 mV below 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞
and about 60 mV below 𝐸𝑐𝑜𝑟𝑟.
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There has been extensive discussion on the effect of potential scan direction on the
current-potential relationship in the anodic potential range [38–41]. For redox-active
metals, 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 often shows (a) peak(s) in the anodic range. On these metals, the decrease
in 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 as 𝐸𝑎𝑝𝑝 is scanned above the potential of maximum current (𝐸𝑚𝑎𝑥) is often
attributed to the formation and growth of a passive or less-soluble metal oxide layer. On
these metals, when 𝐸𝑎𝑝𝑝 is scanned above 𝐸𝑚𝑎𝑥 and then reversed, 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 in the anodic
range is observed to be lower on the reverse scan than on the forward scan [38–41]. The
effect that the oxide grown at anodic potentials has on |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the cathodic potential
range has not been explored as extensively. However, it is often assumed that if there is
any effect, the passive oxide would also reduce the oxidant reduction current and hence,
|𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the cathodic range would be also lower in the reverse scan than in the forward
scan. On passive metals and alloys, larger 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 in the anodic range on the reverse scan
than on the forward scan, when observed, is normally attributed to the breakdown of a
passive oxide film present on the metal surface as 𝐸𝑎𝑝𝑝 is scanned into the ‘pitting’
potential range [42–44]. Again, the effect of film breakdown on |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the cathodic
potential range has not been discussed extensively in these studies. Film breakdown
compromises the insulating property of the passive layer and hence, should have the same
effect on both metal oxidation and oxidant reduction. That is, |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the cathodic
potential range should be also larger, or equal at minimum, on the reverse scan than on the
forward scan. What we observed was that 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 in the anodic potential range was
slightly smaller on the reverse scan than on the forward scan, while |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the
cathodic potential range was significantly larger.
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Solid oxide growth and solid film breakdown are typically irreversible processes
over the time scale of a potential scan. Hence, if these processes are primarily responsible
for the change in current-potential relationship due to scan direction, the 𝐸𝑎𝑝𝑝 vs
log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship should be more strongly affected by repeated cycling and/or
corrosion duration. The effect of potential-scan direction on the current-potential
relationship was the same for the cathodically cleaned and the 15-h corroded copper
electrodes, negligible in the anodic potential range but significant in the cathodic range. To
show more clearly the effect of corrosion on the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉|relationship, the 1st
cycles of the CVs obtained for the electrodes corroded for 0 and 15 h in the H+ and O2
solutions are compared in Figure 7-3.
Figure 7-3: The 𝐸𝑒𝑙𝑒𝑐  𝑣𝑠. log 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 relationship observed during the 1st cycle of CVs
of Cu conducted with different prior 𝐸𝑐𝑜𝑟𝑟-times/measurements (𝑡𝑐𝑜𝑟𝑟) in Ar-purged
5 mM sulfuric acid (“H+”) and aerated 5 mM sulfuric acid (“O2”). The black shows
𝑡𝑐𝑜𝑟𝑟 = 0 h and red colour represents 𝑡𝑐𝑜𝑟𝑟= 15 h. The solid lines show the forward scans
and the broken lines show the reverse scans. The thinner black line in 1st cycle of
𝑡𝑐𝑜𝑟𝑟 = 15 h shows the first reverse scan from 𝐸𝑐𝑜𝑟𝑟 to –0.3 VRHE.
261
Figure 7-3 shows that the 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 values in the anodic potential range on the
forward or the reverse scan were not affected by 15-h corrosion, whereas the |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉|
values in the cathodic potential range were about a factor of 2-3 lower on the 15-h corroded
copper than on the cathodically cleaned copper.
Repeated cycling had a negligible effect on the current-potential relationship on
both the clean and 15-h corroded electrodes. Exceptions were: on the clean electrode
|𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the cathodic potential range during the forward scan increased slightly on the
2nd cycle from that of the 1st cycle (but subsequent cycling had no further effect); and on
the 15-h corroded electrode |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| on the initial scan from 𝐸𝑐𝑜𝑟𝑟 to 0.34 VRHE was
different from the subsequent full CV cycles.
While potential-scan direction had a significant effect, repeated cycling or corrosion
duration (within Stage 1) had a negligible effect on the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship
not only in the cathodic range but for the entire scanned potential range. These observations
indicate that the different current-potential relationships in the cathodic potential range on
the forward and the reverse scans are not due to irreversible accumulation of solid corrosion
products on the metal surface.
Potential dependence of the metal oxidation current: In the O2 solution, the
observed effects on the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship of corrosion duration prior to
the CV, repeated cycling, and potential-scan direction indicate that the metal oxidation
current in the cathodic potential range is not negligible. Hence, the current-potential
relationship in the cathodic potential range does not relate to 𝑖O2⇌OH− , but rather the sum
of 𝑖𝑜𝑥 and 𝑖O2⇌OH− . As discussed earlier, the oxidation of Cu
0 to Cu2+(solv) can occur at
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electrode potentials below 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞 , and at these low potentials the overall metal
oxidation does not proceed beyond the production of Cu2+(solv).
Even for the simple metal oxidation process consisting only two sequential
elementary steps (M1) and (trans), the potential-dependence of 𝑖𝑜𝑥 (= 𝑖𝑀1) in potential
ranges below 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞  is complicated because 𝑎Cu2+ 𝑖𝑛𝑡 is not at the constant
solubility limit of Cu(OH)2, but changes with 𝐸𝑎𝑝𝑝. Although the exact potential-
dependence of 𝑖𝑀1 requires a detailed kinetic analysis using computational analysis of
strongly coupled reaction rate equations (which is in progress), the results of the CV
experiments in different solutions indicate that the 𝑖𝑀1 value at 0.20 VRHE is not
negligible, and above this potential it increases with 𝐸𝑎𝑝𝑝. The potential dependence of the
sum of 𝑖O2⇌OH−  (which is independent of 𝐸𝑎𝑝𝑝) and 𝑖𝑀1 (which increases with 𝐸𝑎𝑝𝑝) can
yield the observed 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship in the potential range 0.20 VRHE to
0.30 VRHE on the forward scan.
On the reverse scan, 𝑎Cu2+ 𝑖𝑛𝑡 has already been at its saturation limit when 𝐸𝑎𝑝𝑝 was
scanned from higher potentials to potentials lower than 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞 . When 𝑎Cu2+ 𝑖𝑛𝑡 is
at its saturation limit,
𝑖𝑀1 = 0 but 𝑖O2⇌OH− > 0 at 𝐸𝑎𝑝𝑝 = 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 (Eq. 7-24)




When 𝑎Cu2+ 𝑖𝑛𝑡 is at its saturation limit, the net process of (M1) is the reduction of
Cu2+ to Cu0(m) at 𝐸𝑎𝑝𝑝 < 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞  and |𝑖𝑀1| increases exponentially as 𝐸𝑎𝑝𝑝
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decreases. However, instead of continuing to increase exponentially with decreasing 𝐸𝑎𝑝𝑝,
|𝑖𝑀1| reaches its maximum near 30 mV below 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞  because 𝑎Cu2+ 𝑖𝑛𝑡 decreases
as 𝐸𝑎𝑝𝑝 is scanned to lower potentials. This decrease in 𝑎Cu2+ 𝑖𝑛𝑡 occurs not only because
Cu2+ is being reduced to Cu0(m) at a faster rate, but also because transport of Cu2+ from the
interfacial region to the bulk solution occurs continually during the scan. As 𝑎Cu2+ 𝑖𝑛𝑡
decreases, the equilibrium potential for (M1) is no longer at 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞  but at
𝐸
Cu2+⇄Cu0
𝑒𝑞 , which also decreases as 𝐸𝑎𝑝𝑝 is scanned to lower potentials. The net process of
(M1) at 𝐸𝑎𝑝𝑝 values far below 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞  switches back to oxidation, as observed on
the forward scan, but at a much slower or negligible rate, that is nearly
potential-independent. The potential-dependence of the sum of |𝑖𝑀1| (which depends on
potential scan direction) and 𝑖O2⇌OH−  (which does not) would yield the observed
dependence, in the cathodic potential range, of the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship on
potential-scan direction.
Potential-scan direction had a negligible effect on the 𝐸𝑎𝑝𝑝 vs
log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉|relationship in the anodic potential range, except for in a range near 𝐸𝑐𝑜𝑟𝑟
which was 30 mV above 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞 . The change near 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞  arises because
the kinetics of (M1) and (trans) are not independent of each other. As discussed earlier,
the interdependence (or systemic feedback) between 𝑀1 and 𝑡𝑟𝑎𝑛𝑠 arises because
𝑑 𝑎Cu2+ 𝑖𝑛𝑡 𝑑𝑡⁄ = 𝑀1 − 𝑡𝑟𝑎𝑛𝑠, while 𝑀1 decreases and 𝑡𝑟𝑎𝑛𝑠 increases with
𝑎Cu2+ 𝑖𝑛𝑡. As a result, 𝑎Cu2+ 𝑖𝑛𝑡 reaches its saturation level at a higher 𝐸𝑎𝑝𝑝, and the 𝑖𝑀1
values at potentials below the saturation potential are larger, on the forward scan than on
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the reverse scan. Nevertheless, because 𝑎Cu2+ 𝑖𝑛𝑡 is near its saturation level, further
increases in 𝐸𝑎𝑝𝑝 do not change 𝑎Cu2+ 𝑖𝑛𝑡 significantly (i.e., 𝑎Cu2+ 𝑖𝑛𝑡 ≫
𝑑 𝑎Cu2+ 𝑖𝑛𝑡 𝑑𝐸𝑎𝑝𝑝). In addition, the contribution of 𝑖O2⇌OH−  to 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 diminishes
exponentially as 𝐸𝑎𝑝𝑝 increases above 0.40 VRHE. Hence, the overall effect of potential-
scan direction on the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship in the anodic potential range is
much smaller than in the cathodic potential range.
The larger 𝑖𝑀1 on the forward scan than on the reverse scan also contributes to
𝐸𝑖=0,𝑓 being slightly lower than 𝐸𝑖=0,𝑟. The difference in 𝐸𝑖=0 due to potential scan
direction is often attributed to surface charging/discharging, or some sort of capacitive
behaviour, associated with changes in the movement direction of electrons in the Mott-
Schottky barrier in a semiconducting layer and/or of non-interacting ions in the double
layer, when AC potential is applied [10,16,45]. However, in copper corrosion the different
potential dependences of 𝑎Cu2+ 𝑖𝑛𝑡 in the forward and the reverse scans at potentials near
𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞  can result in (i) 𝐸𝑖=0,𝑟 different from 𝐸𝑖=0,𝑓, and (ii) a 𝐸𝑐𝑜𝑟𝑟 value in between
the 𝐸𝑖=0,𝑓 and 𝐸𝑖=0,𝑟 values.
Potential dependence of |𝒊𝒎𝒆𝒂𝒔−𝑪𝑽| in the H+ solution: To examine the effect of oxidant
on the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship during CV, the 1st cycles of the CVs in the H+
and O2 solutions are compared in Figure 7-4. The effect of potential-scan direction on the
𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship was similar in both solutions but with some minor
differences. The similarities include: (i) the potential-scan direction had a more significant
effect on the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉|  relationship in the cathodic potential range than in the
anodic potential range; (ii) the |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the cathodic potential region was smaller on
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the forward scan than on the reverse scan; and (iii) the potentials of zero current, 𝐸𝑖=0,𝑓 and
𝐸𝑖=0,𝑟, were different from 𝐸𝑐𝑜𝑟𝑟 and 𝐸𝑖=0,𝑓 was lower than 𝐸𝑖=0,𝑟.
Figure 7-4: 𝐸𝑒𝑙𝑒𝑐 𝑣𝑠. log 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 relationships observed during the 1st cycle of CVs with
different prior 𝐸𝑐𝑜𝑟𝑟-times/measurements (𝑡𝑐𝑜𝑟𝑟) and the 𝐸𝑐𝑜𝑟𝑟vs 𝑡𝑐𝑜𝑟𝑟 in Ar-purged
5 mM sulfuric acid (“H+”) compared with aerated 5 mM sulfuric acid (“O2”). The red
color represents the Ar-purged data and black shows the aerated data. The solid lines
show the forward scans and the broken lines show the reverse scans. The thinner black
line in 𝑡𝑐𝑜𝑟𝑟 = 15 h shows the first reverse scan from 𝐸𝑐𝑜𝑟𝑟 to –0.3 VRHE.
The main differences between the two solutions were the quantitative values of
|𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the cathodic potential range, 𝐸𝑖=0,𝑓 and 𝐸𝑖=0,𝑟. In the H+ solution, 𝐸𝑖=0,𝑓 was
0.10 VRHE for the 1st cycle, but 0.10 VRHE for the 2nd to 5th cycles, and these potential
values were significantly lower than 𝐸𝑐𝑜𝑟𝑟 (by 200 and 400 mV, respectively). The
observation of positive currents at these low potentials in the absence of O2 further supports
the assertion that copper oxidation current is not negligible at cathodic potentials in the O2
solution. As observed for the O2 solution, 𝐸𝑖=0,𝑟 was not affected by repeated cycling or
corrosion duration. However, the 𝐸𝑖=0,𝑟 value was lower and closer to 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞  in
the absence of O2 than in its presence. This observation further supports the claim that
𝑎Cu2+ 𝑖𝑛𝑡 is at its saturation limit at 𝐸𝑎𝑝𝑝 = 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞  on the reverse scan and hence,
𝑖𝑀1 = 0 but |𝑖𝑟𝑒𝑑| > 0 at this potential (see Eq. 7-24). The oxidant reduction current is
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larger in the O2 solution than in the H+ solution ( 𝑖O2⇌OH− > 𝑖H+⇌H2 ). Hence, the 𝐸𝑐𝑜𝑟𝑟
in the O2 solution is higher than 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 , but the 𝐸𝑐𝑜𝑟𝑟 in the H+ solution is close to
𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞  because of the very small 𝑖H+⇌H2 .
The potential-dependent behaviours of cathodic |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| on the reverse scan were
similar in both the H+ and the O2 solutions; a cathodic |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| peak at about 0.3 VRHE
and near potential-independent current below 0.2 VRHE. The main difference was that in
the O2 solution, the potential-independent current range extended to all the way to
0.3 VRHE while in the H+ solution |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| was independent of potential in the range
0.2 to near 𝐸𝑖=0,𝑓 of the 1st cycle (about 0.05 VRHE), but it increased with a very large Tafel
slope in the range 𝐸𝑖=0,𝑓 to 0.2 VRHE, followed by a faster increase with a decrease in 𝐸𝑎𝑝𝑝
(i.e., smaller Tafel slope) below 0.2 VRHE.
The proton (or water) reduction current in the potential range below 𝐸H+⇌H2
𝑒𝑞
(0.154 VRHE) and above 0.2 VRHE decreases exponentially with 𝐸𝑎𝑝𝑝, following a Tafel
relationship. In the same potential range, the O2 reduction current is potential-independent.
The potential dependence of 𝑖𝑜𝑥 (= 𝑖𝑀1) in the cathodic range under polarization should be
the same in both solutions. A different potential dependence of |𝑖𝑟𝑒𝑑| ( 𝑖O2⇌OH−  vs
𝑖H+⇌H2 ) but the same potential dependence of 𝑖𝑜𝑥 (= 𝑖𝑀1) would yield the observed
differences in the CVs obtained in the two solutions.
The similarities and differences in the 𝐸𝑎𝑝𝑝 vs log|𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationships observed
in the H+ and the O2 solutions further confirm that:
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 Because the metal oxidation current is not negligible the current-potential
relationship in the cathodic potential range does not reflect the oxidant(s) reduction
current.
 The net metal oxidation current depends on 𝑎Cu2+ 𝑖𝑛𝑡 which, in turn, depends on
both 𝑀1 and 𝑡𝑟𝑎𝑛𝑠. Due to systemic feedback the potential dependence of 𝑖𝑀1 in
the cathodic range is different in the reverse scan from in the forward scan. That is,
even on clean metal, the current measured at a specific 𝐸𝑎𝑝𝑝 depends on the
polarization history prior to reaching that potential.
Extracting potential dependence of 𝒊𝑴𝟏 from the CVs: Because 𝑖𝑜𝑥 is not negligible
compared to 𝑖𝑟𝑒𝑑, the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship obtained in the cathodic potential
range alone will not provide an accurate potential dependence for the oxidant reduction
kinetics even when the metal surface remains clean. Thus, although 𝑖𝑜𝑥 = |𝑖𝑟𝑒𝑑| at 𝐸𝑐𝑜𝑟𝑟,
the extrapolation of the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship obtained in the cathodic range
will not provide the right value for 𝑖𝑜𝑥 or |𝑖𝑟𝑒𝑑| at 𝐸𝑐𝑜𝑟𝑟.
Nevertheless, the difference in the 𝐸𝑎𝑝𝑝 vs log |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationships observed in
the H+ and the O2 solutions can be used to extract the potential dependence of the metal
oxidation current, from which the 𝑖𝑜𝑥 at 𝐸𝑐𝑜𝑟𝑟 measured in a specific solution may be
extracted. A quantitative relationship requires computational calculations to solve the
coupled kinetics of the elementary steps involved in the overall metal oxidation half-
reaction and the overall oxidant half-reaction. This mathematical modelling is in progress,
but not yet completed. Hence, only a qualitative discussion of the potential dependence of
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𝑖𝑜𝑥−𝑆1 is given below, and how the corrosion current for a solution containing (a) specific
oxidant(s) can be extracted from the measured current-potential relationship.
The CV results obtained in the H+ and O2 solutions showed that the potential
dependences of |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| began to diverge from each other in the forward and reverse
scans at about 0.20 VRHE. At 0.20 VRHE the difference in |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| due to scan direction
was about 20 A cm–2 in both the H+ and the O2 solutions. Hence, the metal oxidation
current at this potential in the forward scan should be at minimum 20 A cm–2. This current
value is not negligible compared to the |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| values at 0.20 VRHE observed in both
scan directions and in both solutions.
The relative contribution of 𝑖𝑜𝑥 to |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| is expected to increase with 𝐸𝑎𝑝𝑝. In
accordance with this, |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the cathodic range decreased with 𝐸𝑎𝑝𝑝 in the range of
potentials above 0.20 VRHE for both solutions. However, the dependence of 𝑖𝑜𝑥 on 𝐸𝑎𝑝𝑝
is not expected to follow a simple Tafel relationship over the cathodic potential range
because metal oxidation switches gradually from an entropy-driven
(potential-independent) to an enthalpy-driven (potential-dependent) process as 𝐸𝑎𝑝𝑝
increases. (A process is referred to as entropy-driven when |𝑇∆𝑟𝑆𝑜| is not negligible
compared to ∆𝑟𝐻𝑜 where ∆𝑟𝐺𝑜 = ∆𝑟𝐻𝑜 − 𝑇∆𝑟𝑆𝑜, or as enthalpy driven when ∆𝑟𝐺𝑜 ≈
∆𝑟𝐻𝑜.) In addition, because of systemic feedback between (M1) and (trans), the potential
dependence of 𝑖𝑜𝑥 even in the potential range in which the overall metal oxidation process
is enthalpy-driven would not follow a simple Butler-Volmer relationship involving
𝐸
Cu2+⇄Cu0
𝑒𝑞  independent of 𝐸𝑎𝑝𝑝.
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Extracting 𝒊𝒄𝒐𝒓𝒓: As discussed earlier, different 𝑎Cu2+ 𝑖𝑛𝑡 values depending on
potential scan direction result in 𝐸𝑖=0,𝑟 being higher than 𝐸𝑖=0,𝑓 and 𝐸𝑐𝑜𝑟𝑟 being in between
the two potentials of zero current. The measured 𝐸𝑐𝑜𝑟𝑟 in the O2 solution coincided with
the 𝐸𝑎𝑝𝑝 at which the negative current value in the reverse scan equals the positive current
value in the forward scan. The measured current at 𝐸𝑎𝑝𝑝 is the sum of the metal oxidation
current and the reduction current of the oxidant(s) (see Eq. 7-21). Hence, the currents
measured in the forward scan (𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑓) and in the reverse scan (𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑟) are:
𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑓 𝐸𝑖=0,𝑓 = 𝑖𝑜𝑥−𝐶𝑉𝑓 𝐸𝑖=0,𝑓 − 𝑖𝑟𝑒𝑑−𝐶𝑉𝑓 𝐸𝑖=0,𝑓 = 0  (Eq. 7-25)
𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑟 𝐸𝑖=0,𝑟 = 𝑖𝑜𝑥−𝐶𝑉𝑟 𝐸𝑖=0,𝑟 − 𝑖𝑟𝑒𝑑−𝐶𝑉𝑟 𝐸𝑖=0,𝑟 = 0 (Eq. 7-26)
At 𝐸𝑎𝑝𝑝 = 𝐸𝑐𝑜𝑟𝑟 in O2 solution we observed:
𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) = −𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟) (Eq. 7-27)
The relationships presented in Eq. 7-25 to Eq. 7-27 can be used to derive:
𝑖𝑜𝑥−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) − 𝑖𝑟𝑒𝑑−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) = −𝑖𝑜𝑥−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟) + 𝑖𝑟𝑒𝑑−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟) (Eq. 7-28)
Since the O2 reduction current does not depend on the potential-scan direction and is also
potential-independent near 𝐸𝑐𝑜𝑟𝑟:
𝑖𝑟𝑒𝑑−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) = 𝑖𝑟𝑒𝑑−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟) = |𝑖𝑟𝑒𝑑−𝐶𝑉(𝐸𝑐𝑜𝑟𝑟)| (Eq. 7-29)




𝑖𝑜𝑥−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) + 𝑖𝑜𝑥−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟) (Eq. 7-30)
Because 𝐸𝑖=0,𝑓 < 𝐸𝑐𝑜𝑟𝑟 < 𝐸𝑖=0,𝑟, and 𝑖𝑜𝑥 increases while 𝑖𝑟𝑒𝑑 decreases, with 𝐸𝑎𝑝𝑝:
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𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) = 𝑖𝑜𝑥−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) − 𝑖𝑟𝑒𝑑−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) > 0  (Eq. 7-31)
𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟) = 𝑖𝑜𝑥−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟) − 𝑖𝑟𝑒𝑑−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟) < 0 (Eq. 7-32)








𝑖𝑜𝑥−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) − 𝑖𝑜𝑥−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟) < 0  (Eq. 7-34)
That is, the measured current at 𝐸𝑎𝑝𝑝 = 𝐸𝑐𝑜𝑟𝑟 during CV represents the difference in the
metal oxidation currents at 𝐸𝑎𝑝𝑝 = 𝐸𝑐𝑜𝑟𝑟 in the forward versus the reverse scan. The
difference arises because of the different 𝑎Cu2+ 𝑖𝑛𝑡 depending on scan direction. In the
reverse scan, 𝑎Cu2+ 𝑖𝑛𝑡 is at its saturation limit, and 𝐸𝑐𝑜𝑟𝑟 is not far from 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 ,
whereas in the forward scan, 𝑎Cu2+ 𝑖𝑛𝑡 is below its saturation limit and 𝐸Cu2+⇄Cu0
𝑒𝑞  is far
below the 𝐸𝑐𝑜𝑟𝑟. Hence,
𝑖𝑜𝑥−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) > 𝑖𝑜𝑥−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟) (Eq. 7-35)
The 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉(𝐸𝑐𝑜𝑟𝑟) in Eq. 7-33 and Eq. 7-34 can then be approximated as:






𝑖𝑐𝑜𝑟𝑟  (Eq. 7-36)
That is, 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 at 𝐸𝑎𝑝𝑝 = 𝐸𝑐𝑜𝑟𝑟, which is positive in the forward scan and negative in
the reverse scan but with the same magnitude, represents approximately ½ the copper
oxidation or corrosion current in the O2 solution under continuous air purging.
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The observed value of 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) or 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟)  is 70 A cm
-2.
Twice this value corresponds to a corrosion rate of 320 g Cu/cm2/h, which is about 20
times the value observed in Stage 1 in air-saturated, stagnant solutions (14 g Cu/cm2/h,
see Chapters 4 and 5). A higher metal oxidation rate under constant gas-purging conditions
than under stagnant conditions is expected.
CVs taken after 𝑬𝒄𝒐𝒓𝒓 measurement (i.e., 𝒕𝒄𝒐𝒓𝒓 ≈ 15 h): In this case, the copper
electrode was at a near-constant 𝐸𝑐𝑜𝑟𝑟 for 15 h and then was subjected to polarization from
𝐸𝑐𝑜𝑟𝑟 to 0.34 VRHE, followed by 5 full potential scan cycles from 0.31 VRHE to 0.65 VRHE
and then back to 0.34 VRHE. The sudden application of an external AC potential (i.e.,
𝑑𝐸𝑎𝑝𝑝 𝑑𝑡⁄ ≠ 0) from 𝐸𝑐𝑜𝑟𝑟 (DC potential, 𝑑𝐸𝑐𝑜𝑟𝑟 𝑑𝑡⁄ ≈ 0) in the initial scan generates a
capacitive charging or discharging current. As discussed earlier, 𝑎Cu2+ 𝑖𝑛𝑡 depends on the
polarization history prior to reaching that potential. Thus, the sudden application of
potential scan from 𝐸𝑐𝑜𝑟𝑟 to lower potentials after 15-h corrosion induces an additional
(negative) current and a lower 𝑎Cu2+ 𝑖𝑛𝑡 from that observed when 𝐸𝑎𝑝𝑝 has been changing
gradually to reach the 𝐸𝑐𝑜𝑟𝑟 value in the reverse scans of the subsequent full cycles. (This
is also the reason for the difference in the 1st cycle and the subsequent cycles in the forward
scan when 𝑡𝑐𝑜𝑟𝑟 = 0 h). Hence, the current measured near 𝐸𝑐𝑜𝑟𝑟 during the initial negative
potential scan from 𝐸𝑐𝑜𝑟𝑟 to 0.34 VRHE cannot be directly correlated to the change in
𝑎Cu2+ 𝑖𝑛𝑡. However, the CVs obtained with a clean electrode indicated that repeated
cycling (with the upper vertex potential < 0.7 VRHE for copper) has a negligible effect on
the current-potential relationship. Indeed, repeated cycling did not affect the CVs
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performed on the corroded electrodes in all the solutions studied either. Thus, we can still
use the value of 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑓(𝐸𝑐𝑜𝑟𝑟) = 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑟(𝐸𝑐𝑜𝑟𝑟)  observed during the 1
st full CV
cycle to extract 𝑖𝑐𝑜𝑟𝑟 (see Eq. 7-36) on the copper electrode that has been corroded for
15 h. The value of this current was ~ 70 A cm-2, or a corrosion current of 140 A, the
same as observed on the clean electrode. This observation is consistent with the findings
from Chapters 4 and 5. The metal oxidation rate is constant with 𝑡𝑐𝑜𝑟𝑟 when corrosion
does not progress beyond Stage 1. The large solution volume and constant purging
conditions make Stage 1 last longer. Hence, we expect copper corrosion should be still in
Stage 1 after 15 h.
7.3.3 Effect of Type of Anion (The Electrochemical Behaviour of Cu in 10 mM
HNO3)
7.3.3.1 CVs in NO3 alone and (NO3 + O2) Solutions
The CVs obtained for the solutions initially containing 10 mM HNO3 under
continuous purging with Ar or air are presented in Figure 7-5. In Ar-purged solution, the
species that can reduce in the scanned potential range are H+ and NO3, but the H+ reduction
current is negligible compared to the NO3 reduction current (hence, the designation of this
solution as the “NO3 solution”). In aerated solution, in contrast, the O2 reduction current
may not be negligible (hence, the designation of this solution as the “(O2 + NO3)
solution”).
As discussed earlier, NO3 can reduce to NO2, NO, N2O, N2 and NH3/NH4+.
Although the overall reduction of NO3 to NH4+ is thermodynamically favoured (see
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Appendix C), only the first reduction step, from NO3 to NO2, can effectively couple with
copper oxidation. The 𝐸𝑁𝑂3−⇌𝑁𝑂2−
𝑒𝑞  value, calculated assuming the chemical activities of
NO3 and NO2 in the interfacial region are the same, is 0.845 VRHE, and this value is
indicated in the equilibrium potential diagram in Figure 7-5.
Figure 7-5: The 𝐸𝑒𝑙𝑒𝑐 𝑣𝑠. log 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 relationship observed during cyclic voltammetry
of Cu conducted with different prior 𝐸𝑐𝑜𝑟𝑟-times/measurements (𝑡𝑐𝑜𝑟𝑟) and the 𝐸𝑐𝑜𝑟𝑟vs
𝑡𝑐𝑜𝑟𝑟 in Ar-purged 10 mM HNO3 (“NO3–”) and aerated 10 mM HNO3 (“NO3– + O2”).
black represents the 1st scan and red represents the 5th scan. The solid lines show the
forward scans, and the broken lines show the reverse scans. The thinner black line in the
𝑡𝑐𝑜𝑟𝑟=15 h plot shows the first reverse scan from 𝐸𝑐𝑜𝑟𝑟 to –0.3 VRHE.
The main oxidant in the Ar-purged 5 mM H2SO4 solution is H+. By comparing the
CVs obtained in the Ar-purged 10 mM HNO3 solution with those obtained in the Ar-purged
5 mM H2SO4 solution (shown in Figure 7-6), the effect of the oxidant NO3 on the
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measured current-potential relationship can be studied without the complication of the
additional effect of O2. Similarly, comparison of the results in the aerated 5 mM H2SO4
solution (the O2 solution) with those in the Ar-purged HNO3 solution (the NO3 solution)
(shown in Figure 7-6) allows the effect of type of oxidant on the metal oxidation kinetics
to be studied.
Figure 7-6: The 𝐸𝑒𝑙𝑒𝑐 𝑣𝑠. 𝑙𝑜𝑔 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 relationship observed during the 1st cycle of Cu CVs
conducted with different prior 𝐸𝑐𝑜𝑟𝑟-times/measurements (𝑡𝑐𝑜𝑟𝑟) and 𝐸𝑐𝑜𝑟𝑟 vs 𝑡𝑐𝑜𝑟𝑟 in Ar-purged
5 mM H2SO4 (“H+”) in comparison with Ar purged 5 mM HNO3 (“NO3–”) on the shown in upper
row, and in aerated 5 mM H2SO4 (“O2”) in comparison with Ar purged 5 mM HNO3 (“NO3–”)
shown in lower row. The solid lines show the forward scans, and the broken lines show the
reverse scans. The thinner black line in the 𝑡𝑐𝑜𝑟𝑟 = 15 h plot shows the first reverse scan from
𝐸𝑐𝑜𝑟𝑟 to –0.3 VRHE.
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Potential dependence of 𝒊𝒎𝒆𝒂𝒔−𝑪𝑽 in NO3 solution:
As observed in the O2 solution, repeated cycling had a negligible effect on the current-
potential relationships in both the anodic and cathodic potential ranges. However, the
potential-scan direction had a smaller effect on the current-potential relationship in the
NO3 solution than that observed in the O2 solution. In the NO3 solution, the scan direction
affected |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| most strongly in the potential range near 𝐸𝑖=0,𝑓 and 𝐸𝑖=0,𝑟 and notably,
|𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in the cathodic range was slightly smaller in the reverse scan than on the forward
scan – the opposite effect to that observed in the O2 solution.
 In both solutions, 𝐸𝑖=0,𝑟 > 𝐸𝑖=0,𝑓, but the difference, ∆𝐸𝑖=0 was much smaller in the
presence of NO3. In NO3 solution 𝐸𝑖=0,𝑓 was about 80 mV higher than in the O2
solution while 𝐸𝑖=0,𝑟 was nearly the same for the two solutions (Figure 7-6). In the
forward scan, the anodic 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 at 𝐸𝑎𝑝𝑝 > 0.4 VRHE was 1-2 orders of magnitude
larger in the NO3 solution than in the O2 solution. In the cathodic branch, |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉|
at 𝐸𝑎𝑝𝑝 < 0.3 VRHE was a factor of about 15-18 times larger in the NO3 solution,
confirming that NO3 is more easily reduced than O2. On the reverse scan in the NO3
solution, the cathodic current at 𝐸𝑎𝑝𝑝 < 𝐸𝑖=0,𝑟 was smaller in the range 0.4 to
0.1 VRHE, but larger at 𝐸𝑎𝑝𝑝 < 0.1 VRHE.
 The 𝐸𝑎𝑝𝑝 vs 𝑙𝑜𝑔|𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship in the cathodic potential range may not
reflect the oxidant reduction current. The relative contribution of 𝑖𝑜𝑥 to |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| in
the cathodic potential range is more significant in solutions containing weaker
oxidants, explaining the larger difference in the |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| values observed in the
forward versus the reverse scan and in the O2 solution as opposed to the NO3
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solution. That is, on the forward scan the value of 𝑖𝑀1 is comparable to 𝑖O2⇌OH  but
smaller than 𝑖NO3⇌NO2  at 𝐸𝑎𝑝𝑝 < 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 . Since 𝑖NO3⇌NO2 > 𝑖O2⇌OH ,
𝐸𝑖=0,𝑓 is also higher in the NO3 solution than in the O2 solution.
 The prior observations are also consistent with the claim that the chemical activity of
Cu2+ in the interfacial region at a specific 𝐸𝑎𝑝𝑝 is different depending on whether
𝐸𝑎𝑝𝑝 is approached from higher potentials or lower potentials.
 On the reverse scan (i.e. approaching from a higher potential), 𝑎Cu2+ 𝑖𝑛𝑡 is at its
saturation limit and hence, 𝑖𝑜𝑥 ≈ 𝑖𝑀1 ≈ 0 but |𝑖𝑟𝑒𝑑| > 0 at 𝐸𝑎𝑝𝑝 = 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞
and 𝐸𝑖=0,𝑟 > 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 . The similar 𝐸𝑖=0,𝑟 values in both solutions indicates that
𝑖NO3⇌NO2 ≈ 𝑖O2⇌OH  at 𝐸𝑎𝑝𝑝 near the 𝐸𝑖=0,𝑟 values. It is important to note that
𝑖NO3⇌NO2  decreases exponentially with 𝐸𝑎𝑝𝑝 while 𝑖O2⇌OH  is nearly
potential-independent in the range 0.2 VRHE to 0.4 VRHE. Hence, although
𝑖NO3⇌NO2  is much larger at low potentials, 𝑖NO3⇌NO2  and 𝑖O2⇌OH  approach a
similar value close to 0.4 VRHE.
 On the forward scan, (i.e. approaching from a lower potential), 𝑎Cu2+ 𝑖𝑛𝑡 is not at
saturation and both 𝑖𝑜𝑥 and |𝑖𝑟𝑒𝑑| > 0 at 𝐸𝑎𝑝𝑝 = 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 . In both solutions,
𝐸𝑖=0,𝑓 > 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 , indicating that |𝑖𝑟𝑒𝑑| > 𝑖𝑜𝑥 at 𝐸𝑎𝑝𝑝 = 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 .
However, because 𝑖NO3⇌NO2 > 𝑖O2⇌OH  at potentials near 𝐸Cu2+(sat'd)⇄Cu0
𝑒𝑞 , 𝐸𝑖=0,𝑓
is higher in the NO3 solution than in the O2 solution.
 Interestingly, although 𝐸𝑖=0,𝑟 is nearly the same and 𝐸𝑖=0,𝑓 is higher in the NO3
solution than in the O2 solution, 𝐸𝑐𝑜𝑟𝑟 is lower in the NO3 solution than in the O2
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solution. 15 h of prior corrosion also affected the current-potential relationship over
a wide potential range in the NO3 solution, while it had negligible effect in the O2
solution. In the NO3 solution, 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉 was lower over the entire potential range for
the 15-h corroded electrode than for the clean electrode.
 The large effect on current observed over the whole potential range after 15 h of
corrosion supports the notion that a catalytic cycle can form from the coupling of
NO3 and NO2 redox half reactions with the reactions involving Cu0(m) and Cu2+(solv),
as previously discussed (see Eqs. 7-18 to 7-20). Identifying that such a catalytic cycle
can occur is a critical finding of this work, since when it does, there is no effective
way to determine the corrosion current using the potentiodynamic polarization
technique.
The 𝑬𝒂𝒑𝒑 vs 𝒍𝒐𝒈|𝒊𝒎𝒆𝒂𝒔−𝑪𝑽| vs relationship at 𝑬𝒂𝒑𝒑 < 𝑬𝒊=𝟎:
 For the CVs on the fresh electrodes in the O2 solution, 𝐸𝑖=0,𝑓 was significantly lower
(~70 mV) than 𝐸𝑖=0,𝑟; and the |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| values at 𝐸𝑎𝑝𝑝 < 𝐸𝑖=0,r were lower on the
forward scan than on the reverse scan. For the same experiment in the NO3 solution,
𝐸𝑖=0,𝑓 was close to, or slightly higher than, 𝐸𝑖=0,𝑟, and the |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| values on the
forward scan were lower than those on the reverse scan at 𝐸𝑎𝑝𝑝 below 𝐸Cu2+(sat'd)⇌Cu0
𝑒𝑞 ,
but higher at 𝐸𝑎𝑝𝑝 in the range 𝐸Cu2+(sat'd)⇌Cu0
𝑒𝑞  to 𝐸𝑖=0,𝑓 or 𝐸𝑖=0,𝑟 . The |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| value
at a given cathodic potential was also 1-2 orders of magnitude larger in the NO3
solution than in the O2 solution (and 1-2 orders of magnitude larger in the aerated
than in the Ar-purged H2SO4 solution). The maximum difference in |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉|
resulting from the change in potential scan direction in the NO3 solution was
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~ 0.1 mA cm-2, which is comparable to the O2 solution corrosion current. These
observations further support the conclusions drawn earlier from the CVs obtained in
Ar-purged and aerated H2SO4 solutions.
 The metal oxidation current (𝑖𝑜𝑥) at 𝐸𝑎𝑝𝑝 < 𝐸Cu2+(sat'd)⇌Cu0
𝑒𝑞  is not negligible, and
contributes significantly to |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| at these low potentials. When the interfacial
solution contains Cu2+ below its saturation limit (on the forward scan), the oxidation
of Cu0(m) to Cu2+ is not entirely enthalpy-driven but partially entropy-driven. Hence,
the electrochemical metal oxidation is nearly potential-independent but interfacial-
mass (metal atom)-transfer-limited at low potentials (< 0 VRHE). Therefore, as
𝑖𝑟𝑒𝑑 increases, the relative contribution of 𝑖𝑜𝑥 to |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| will decrease. This is
what is observed in the test results; |𝑖𝑟𝑒𝑑| arising from the reduction of 10 mM NO3
(to NO2) should be significantly higher than from the reduction of ~ 0.25 mM O2
(for a fully-aerated solution at 1 atm).
 When the Cu2+ in the interfacial solution approaches its saturation level, interfacial
metal atom/electron transfer (M1) becomes enthalpy-driven (and therefore potential-
dependent), and 𝑖𝑜𝑥 increases exponentially with 𝐸𝑎𝑝𝑝. Therefore, with a larger |𝑖𝑟𝑒𝑑 |
at a given 𝐸𝑎𝑝𝑝, 𝐸𝑖=0,𝑓 will be larger. With the larger |𝑖𝑟𝑒𝑑| observed in NO3 than in
O2 solution, as mentioned previously, this explanation accounts for the higher 𝐸𝑖=0,𝑓
in the more oxidizing NO3 solution. Similar changes in 𝐸𝑖=0,𝑓 and 𝐸𝑖=0,𝑟 were also
observed for the electrodes corroded for 15 h in NO3 and O2 solutions. If 10 mM
NO3 is more oxidizing than O2 in the aerated solution, and the overall metal
oxidation rate is controlled by the oxidant reduction rate, 𝐸𝑐𝑜𝑟𝑟 should be higher in
the NO3 than in the O2 solution. What we observed was the opposite. 𝐸𝑐𝑜𝑟𝑟 (0 –
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15 h) was lower in the NO3 than in the O2 solution. In the O2 solution, 𝐸𝑐𝑜𝑟𝑟 was at
a value between 𝐸𝑖=0,𝑓 and 𝐸𝑖=0,𝑟 and it coincided with the 𝐸𝑎𝑝𝑝 at which
𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑓 = 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑟 . In the NO3
 solution, 𝐸𝑐𝑜𝑟𝑟 was also at the 𝐸𝑎𝑝𝑝 at which
𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑓 = 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑟 . However, it was not between 𝐸𝑖=0,𝑓 and 𝐸𝑖=0,𝑟 but below
them.
 The overall metal oxidation process is controlled primarily by the metal oxidation
half-reaction and not the coupled oxidant reduction half-reaction, because the metal
oxidation half-reaction involves interfacial transfer of not only electrons but also
atoms and hence is much slower. Regardless of the RDS, the overall current under
naturally corroding conditions should be zero, 𝑖𝑚𝑒𝑎𝑠 =𝑖𝑜𝑥 − |𝑖𝑟𝑒𝑑| = 0 at 𝐸𝑐𝑜𝑟𝑟.
However, 𝑖𝑜𝑥 is not negligible compared to |𝑖𝑟𝑒𝑑| at 𝐸𝑎𝑝𝑝 < 𝐸𝑐𝑜𝑟𝑟, and the value of
𝑖𝑜𝑥 depends on the potential scan direction, which influences the steady-state
concentration of Cu2+ in the interfacial region at that 𝐸𝑎𝑝𝑝. Hence, extrapolation of
the 𝐸𝑎𝑝𝑝 vs |𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| relationship in the cathodic potential range during
potentiodynamic polarization cannot be used to obtain 𝑖𝑜𝑥 at 𝐸𝑐𝑜𝑟𝑟 (i.e., 𝑖𝑐𝑜𝑟𝑟).
7.4 SUMMARY
In this chapter, copper corrosion in sulfuric acid, nitric acid, and nitrate solutions of
different solution layer thicknesses was investigated under Ar-purging and aerated
conditions using electrochemical techniques.
To obtain kinetic information, potentiodynamic polarization experiments were
performed to establish the dependences of 𝑖𝑜𝑥 and 𝑖𝑟𝑒𝑑 on the applied electrode potential
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(𝐸𝑎𝑝𝑝), from which the value of 𝑖𝑜𝑥 or |𝑖𝑟𝑒𝑑| at the measured 𝐸𝑐𝑜𝑟𝑟 can be extracted, if the
assumptions required for this Tafel extrapolation are valid.
The results obtained in this chapter indicate that for copper corrosion, Tafel
extrapolation is fundamentally not a valid method for measuring the corrosion rate. The
𝑙𝑜𝑔|𝑖𝑚𝑒𝑎𝑠−𝐶𝑉| vs 𝐸𝑎𝑝𝑝 relationships observed during multiple cycles of CV performed in
all the solutions showed common behaviours that are not consistent with existing
conceptions of the electrochemical behaviours of corroding systems. In Stage 1 of copper
corrosion, the metal oxidation rate at a specific 𝐸𝑎𝑝𝑝 is directly influenced by the chemical
activity of Cu2+ in the interfacial region. However, the scan direction during cyclic
voltammetry is an important factor which influences the interfacial chemical activity of
cuprous ions (and thus the metal oxidation rate). Scanning from lower potentials results in
a lower chemical activity while scanning from a higher potential ensures that the interfacial
region is saturated with cuprous ions. This phenomenon manifests as a consistent,
explainable difference between 𝐸𝑖=0,𝑓 and 𝐸𝑖=0,𝑟. The difference between 𝐸𝑖=0,𝑓 and 𝐸𝑖=0,𝑟
strongly depends on the type of oxidant and their values are minimally affected by repeated
cycling or corrosion duration.
The major differences in 𝐸𝑖=0,𝑓 and 𝐸𝑖=0,𝑟 are a manifestation of the non-negligible
metal oxidation rate at potentials well below 𝐸
Cu2+(sat'd)⇄Cu0
𝑒𝑞  (as much as 500 mV), again
due to the accumulation of cuprous ions in the interfacial region and the previously
mentioned influence on the metal oxidation rate. Furthermore, catalytic coupling between
copper species (Cu0 and Cu2+) and NO3–/ NO2– means that the assumptions required for
extraction of the corrosion current using Tafel-based extrapolation are not met.
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We also observe a notable difference between 𝐸𝑐𝑜𝑟𝑟 and 𝐸𝑖=0,𝑓/𝐸𝑖=0,𝑟 , regardless of
the solution conditions (with either O2 or NO3– as the oxidant). However, in all cases, 𝐸𝑐𝑜𝑟𝑟
can be seen to coincide with the intersection between the forward and reverse scan (i.e.
𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑓 = 𝑖𝑚𝑒𝑎𝑠−𝐶𝑉𝑟 ), which is the point where the chemical activity of Cu
2+ in the
interfacial region is the same for both scan directions.
The observations in this chapter collectively lead to the overall conclusion that
metal oxidation, and by extension the interfacial chemical activity of cuprous ions, are the
most important factors determining copper corrosion behaviour. Once an oxidant is
present, copper can corrode freely until the transport of copper ions into the solution
becomes hindered, at which point the corrosion behaviour passes to a different stage, as
discussed in earlier chapters (Chapters 4 and 5).
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8 CHAPTER 8
THESIS SUMMARY AND FUTURE WORK
8.1 SUMMARY
Predicting the evolution of Cu corrosion over long disposal times in the DGR
environment is very challenging. Existing copper corrosion models cannot explain many
of the observed relationships between corrosion results and solution parameters. This
makes it very difficult to apply these existing corrosion models to Cu corrosion in the DGR
environments, which will vary considerably depending on the DGR site selected, and will
also evolve with time as corrosion progresses.
 The work presented in this thesis was performed to extract rate parameters required
for the development of a high-fidelity corrosion model that can predict the long-term
evolution of the Cu corrosion rate as a function of solution parameters. This work focused
on studying the effect on the Cu corrosion dynamics of solution layer thickness, the
solution pH, presence of oxidants, and the type of anions. Small water volumes were
chosen since they best represent the conditions that a UFC will experience in a DGR.
The parameters that can be meaningfully measured during a slow chemical process
such as corrosion are the macroscopic (average) chemical properties. Therefore, the
corrosion kinetics were studied by measuring the dissolved copper concentration
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([Cu2+]𝑚𝑒𝑎𝑠) and the change in proton concentration (−∆ H+ 𝑚𝑒𝑎𝑠), and also the
morphology, chemical/elemental composition and cross-section of oxides on the coupon
surfaces, as a function of corrosion duration. Simultaneous measurement of these
macroscopic chemical properties as a function of 𝑡𝑐𝑜𝑟𝑟 can provide information on the
interaction between the (electro-)chemical systems in the interfacial region and the bulk
solution, and its evolution as corrosion progresses.
In Chapter 4, the corrosion dynamics of copper were studied in solutions
containing 5 mM sulphuric acid solutions with an initial pH of 2.0. The effect of solution
layer thickness (~0.25 to 6.3 cm) on Cu corrosion was also investigated. The time-
dependent behaviours of [Cu2+]𝑚𝑒𝑎𝑠 and −∆ H+ 𝑚𝑒𝑎𝑠 showed that the corrosion dynamics
of copper evolve through three different dynamic stages. A corrosion mechanism offering
a detailed explanation of the effect of solution parameters on copper corrosion dynamics
was proposed. The rate determining steps in each dynamic stage were also identified. In
Stage 1, the overall corrosion process consists of electrochemical oxidation of Cu0(m) to
solvated Cu2+(solv) in the interfacial region, followed by transport of Cu2+(solv) from the
interfacial region to the bulk solution. The duration of this stage lasts until the bulk
concentration of Cu2+(solv) approaches the solubility limit of Cu(OH)2. Once the solubility
limit of Cu(OH)2 is reached, the Cu2+(solv) in the interfacial region starts to hydrolyze and
precipitate as Cu(OH)2, to form a hydrogel network. Once this Cu(OH)2 gel has formed on
the surface, the CuII species (Cu2+(solv) and Cu(OH)2) in the hydrogel can be more easily
reduced to CuI species (Cu+(solv) and Cu(OH)) by coupling with the oxidation of Cu0(m) to
Cu2+(solv). The CuI species in the hydrogel layer then precipitate and grow as Cu2O seed
crystals (transition to Stage 2). In Stage 2, the overall corrosion process is the growth of
287
Cu2O crystals. The seed crystals are continuously produced, and the Cu2O crystals grow
concurrently via a redox-assisted Ostwald ripening process, in which individual Cu2O
crystals grow by diffusion and adsorption-desorption of Cu2+/Cu(OH)2 (and OH) onto the
crystal surfaces, and reduction of CuII to less soluble CuI on the crystal surfaces, followed
by lattice-bond formation involving CuI (and O2). During this stage, the [Cu2+]𝑚𝑒𝑎𝑠 does
not increase appreciably with time, while the growth of Cu2O crystals continues. Stage 3
occurs once the oxidation of Cu0 to Cu2+/Cu(OH)2 (leading to Cu2O crystal formation)
becomes suppressed as large Cu2O crystals start to impede the diffusion of solution species
to and from the metal surface. Without continuous production of Cu2+/Cu(OH)2, existing
Cu2O crystals cease growing, and interact predominantly with the bulk solution, containing
Cu2+ and SO42. Crystal growth via redox-assisted Ostwald ripening occurs, resulting in
thermodynamically more stable Cu(OH)2nCuSO4 crystals at the expense of Cu2O crystals.
 This study has shown that the corrosion rate in Stage 1 is not controlled by the
oxidant reduction half-reaction but by the metal oxidation half-reaction. This results in a
constant corrosion rate even while the pH of the solution changes significantly with 𝑡𝑐𝑜𝑟𝑟.
This study has also found that for the metal oxidation half-reaction, the kinetics of the
elementary steps, interfacial charge transfer and mass transport, are not independent of
each other. Due to systemic feedback, the interfacial charge transfer rate depends on the
Cu2+ transport rate, and vice versa. As a result, the overall corrosion dynamics evolve to a
new steady state once the concentration of Cu2+ in the bulk solution increases and starts
affecting the Cu2+ transport rate.
In Chapter 5, the effect of anion type (SO42 and NO3) on the evolution of copper
corrosion was investigated. The copper corrosion dynamics were investigated in solutions
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of cylindrical geometry with two different thicknesses. Sulfate and nitrate anions were
chosen since they are present in the DGR groundwaters and are also the conjugate bases of
acids commonly used to control the solution pH in corrosion studies.
Copper corrosion progresses through the same dynamic stages proposed in the
mechanism developed in previous chapters, irrespective of solution layer thickness and
type of anion. The solution parameters affect the rates of progression through the individual
stages and the overall corrosion rates in the individual stages. Of the two parameters studied
in this chapter (anion type and solution layer thickness), solution layer thickness had a more
significant effect on the progression through the earlier stages, whereas the type of anion
had the more significant effect on the corrosion dynamics in the later stages. In Stage 1,
the corrosion rate was independent of 𝑑𝑠𝑜𝑙 and type of anion. The duration of Stage 1 was
independent of type of anion but dependent upon 𝑑𝑠𝑜𝑙. Although the time-dependent
behaviours were similar in HNO3 and H2SO4 solution in Stage 1, the transition to Stage
2, duration of Stage 2, and oxide growth pattern in Stage 2 were different. In HNO3
solution the number density of Cu2O crystals was higher than in the H2SO4 solution, and
the size of the individual crystals formed was smaller. In HNO3 solution the Cu2O crystals
continued to grow for a much longer period and aggregate in Liesegang ring patterns and
the Cu2O ring bands became more discrete over time. The transition to Stage 2 also
occurred more rapidly in the HNO3 than in the H2SO4 solution, since the nucleation and
growth of Cu2O crystals are accelerated in the HNO3 solution because the NO3/NO2
redox reactions can couple with the redox reactions between Cu2+/Cu(OH)2 and
Cu(OH)/Cu2O. Stage 3 was observed only in the H2SO4 solution over the test duration
period of 840 h. In the HNO3 solution, by contrast, even after 6 months of corrosion the
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surface was still extensively covered with Cu2O crystals, with green CuII-OH-NO3 crystals
only beginning to appear in localized areas.
In Chapter 6, the evolution of copper corrosion under a continuous flux of -radiation
was evaluated in solutions containing anions (SO42 and NO3 ), with different initial pHs
and solution layer thicknesses, using coupon exposure tests in shrink tubes. For each test,
the copper concentration ( Cu2+
𝑚𝑒𝑎𝑠
) and (pH)meas as a function of corrosion time (tcorr)
were measured and compared with the corresponding results obtained in the absence of
radiation.
The observed effects of -radiation on copper corrosion were consistent with our
proposed mechanism. In the presence of -radiation, the main oxidant that can affect
corrosion is H2O2. The metal oxidation rate measured in Stage 1 was similar in the presence
and absence of radiation, suggesting that the metal oxidation rate is determined not by the
type of the oxidant present in the solution but instead by the rate at which copper atoms
can be transported from the interface to the bulk solution. The solution pH change induced
by radiolysis is the key parameter that determines the duration of Stage 1, while the
radiolytically produced redox-active species H2O2 and NO3, which can strongly couple
with copper redox reactions, can have a significant effect on Stage 2. In the presence of
radiation, H2O2 is continuously produced and its concentration is maintained at a steady-
state level. Hydrogen peroxide redox reactions can couple with copper redox reactions: the
reduction of H2O2 to OH can couple with the oxidation of Cu0 to CuI (Cu+/Cu2O) and/or
to CuII (Cu2+/Cu(OH)2) and its oxidation to O2 can couple with the reduction of CuII to CuI
and/or Cu0. This redox coupling can become significant only in Stage 2 when sufficient
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CuI and CuII species have formed on the surface. Thus, the redox-assisted Ostwald ripening
process can facilitate Cu2O oxide growth earlier in the presence of radiation.
 At longer durations in the presence of radiation, the pH of the solution starts to
decrease due to dissolution of HNO3 from the headspace into the solution, which can
facilitate the transport of copper ions from the surface/solution interface into the bulk
solution. The reduction of copper species is accelerated by the presence of radiolysis
products (e.g. NO2/NO3 oxidation and H2O2/O2 oxidation). However, since the pH
gradually decreases with time (due to the production of H+), transfer of copper into the bulk
solution is also accelerated, overall retarding the increase in copper concentration in the
interfacial region and prolonging the duration of Stage 2.
In Chapter 7, the corrosion behaviour of copper was investigated with
electrochemical techniques to better understand the contribution of anions, aeration and
solution pH and volume in conditions relevant to the DGR environment.
 The results from the cyclic voltammetry indicated that the metal oxidation rate
dominates the overall corrosion rate. The chemical activity of cuprous ions in the interfacial
region is a critical parameter which influences metal oxidation rate and to which much of
the anomalous behaviour during polarization curves when comparing the effects of type of
oxidant can be attributed.
Cyclic voltammetry was an important tool to highlight to influence of interfacial
chemical activity of the cuprous ions on the corrosion rate. We observed that the scan
direction plays a major role in the current potential profile although continuous cycling
makes little difference. The reason for this, as mentioned previously is the role of the
interfacial activity of copper, its potential dependence and effect on metal oxidation
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current. The scanning direction is important because at high potentials the chemical activity
of copper is high while very low at more negative potentials. The result is that at any given
potential, the interfacial activity will be higher if the potential was scanning from a high
potential. We noted that in addition to differences in the current, the potential of zero
current is different and does not correspond with corrosion potential. The potential
corresponding to the intersection point between the forward and reverse scan however,
does correspond well with the corrosion potential
The metal oxidation current was also found to be non-negligible at very low
potentials and differences in the cathodic branch due to the scan direction or extended
corrosion time could be explained by the metal oxidation current and the interfacial
chemical activity of the cuprous ion.
8.2 OVERALL CONCLUSION
The work presented in this thesis clearly demonstrates that in a small stagnant water
volume, the concentration of metal cations released due to corrosion can be high, even for
a corrosion-resistant material like copper. This study has provided a better understanding
of how the solution reactions and transport of dissolved metal cations can strongly couple
with electrochemical metal oxidation and precipitation of oxide deposits. The solution
reactions and transport of dissolved metal cations occur at rates that can strongly couple.
In the presence of such strong systemic feedback, the effects of different solution
parameters on the overall corrosion rate cannot be evaluated based on linear chemical
dynamics. In order to develop a reliable copper corrosion model, the key elementary
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processes that control the overall corrosion rate and their kinetics as a function of solution
parameters were identified and a corrosion mechanism was introduced.
8.3 FUTURE WORK
The work presented in this thesis has improved the understanding of how solution
parameters affect the overall copper corrosion rate. During corrosion, the solution reactions
and transport of dissolved metal cations can strongly couple with the electrochemical
oxidation of the metal and precipitation of oxide particles. This work has resulted in an
improved mechanistic understanding of copper corrosion dynamics and how solution
parameters can affect the elementary process. The results obtained will be incorporated
into a corrosion dynamic model which is still under development.
The long-term goal of this project is to develop a high-fidelity corrosion dynamic
model that can predict the long-term corrosion behaviour of copper in the DGR
environment. The model is being developed using the coupled rate and flux equations of
the elementary processes involved in the overall corrosion process. The elementary
processes considered in the model are electrochemical reactions (metal oxidation coupled
with solution reduction), solution reactions (hydrolysis, radiolysis), transport processes,
and oxide particle nucleation and growth.
Some of the key elementary processes necessary for predicting the progression of
copper corrosion in the presence of gamma radiation have still not been identified.
Therefore, further systematic study is required to better understand the corrosion behaviour
of copper under a continuous flux of gamma radiation. The effect of solution parameters
(pH, oxygen concentration, and solution layer thickness (𝑑𝑠𝑜𝑙)) on copper corrosion in the
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CHAPTER 4 SURFACE ANALYSIS DETAILS
The elemental and chemical compositions of the particles formed on the surface of
corroded coupons presented in Chapter 4 were determined by EDX, Raman and XPS. The
EDX elemental (Cu, O and S) analysis maps of the surfaces corroded in air for different
durations presented in Figures A-1 and A-2 further support the characterization of the
polyhedral crystals as Cu2O and the platelet crystals as cupric hydroxide sulfate
(brochantite).
The Raman spectra of the corroded surfaces are shown in Figures A-1 and A-2.
Cuprous oxide (Cu2O) has Raman shifts at 218, 290, 417, 490 and 523 cm-1 [1,2], while
Cu(OH)2 has Raman shifts at 292 and 488 cm-1 [3]. As shown in Figures A-1 and A-2,
these Cu2O and Cu(OH)2 peaks were observed for the 168-h corroded surface. The Raman
scattering intensities of the peaks associated with Cu2O and Cu(OH)2 diminished with
corrosion time and new peaks associated with CuII sulfate complexes (at 3380, 3410, 3567
and 3588 cm-1) were observed for the 840-h corroded surface.
295
Figure A-1: Optical image, Raman spectrum of the surface, and SEM and EDS analysis
(EDS spot analysis) results for a cross-section of copper corroded for 168 h in solution of
thickness 1.3 cm. The reference Raman spectrum for Cu2O [6] is also shown for
comparison.
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Figure A-2: Optical image and Raman spectrum of the surface and SEM and EDS
analysis (EDS mapping) results for a cross-section of copper corroded for 840 h in
solution of thickness 1.3 cm. The reference Raman spectra for brochantite [6] are also
shown for comparison.
Comparison of the optical and SEM micrographs and the EDX and the Raman
analyses of the surfaces indicates that the purple polyhedral particles are primarily Cu2O
crystals while the green platelet particles formed at later times are primarily CuII -
hydroxide-sulfate salt crystals. The colour of pure Cu2O crystals is orange to red [4].
However, in the optical images these crystals are bluish-purple in colour (Figure 4-2,
Chapter 4), suggesting the presence of a thin layer of hydrated and hydrolyzed CuII
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species; hexa-aqua-cupric ion ((Cu(H2O)6)2+) and Cu(OH)2 are blue [5]. These cupric
species are not detected via Raman or EDX spectroscopy and therefore must be present as
a very thin layer on the surface. The colour of the large octahedral particles also changes
from more reddish to bluish-purple with time, suggesting that the surface concentration of
hydrated and hydrolyzed CuII species increases with time.
The presence of a very thin layer of cupric hydroxide on the large Cu2O particles
was confirmed by the XPS analyses (Figure A-3) of the 168-h corroded surface. The high
resolution XPS spectra of the O 1s, and the Cu 2p3/2 and also Cu L3M4,5M4,5 bands were
deconvoluted to obtain the contributions of CuI and CuII species in the top 8 nm (the
estimated instrument analysis depth) layer of the surface. The Cu LMM band was analyzed
using reference Auger spectral line-shapes and positions that vary with the oxidation state
and ligand [7]. The fractions of CuI and CuII species (Cu2O and 42 % Cu(OH)2) present in
the top 8 nm layer determined by analysis of the Cu 2p spectra and using the Auger fitting
parameters to be 73% and 27%, respectively.
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Figure A-3: XPS spectra of a copper oxide surface produced after 168-h corrosion in 1.3
cm H2SO4 solution, (a) the survey spectrum, and high-resolution spectra of (b) the Cu
2p3/2 (c) the O-1s band and (d) the Cu LMM. The deconvoluted spectra of different
components of O and Cu species and their composite spectra are compared in the actual
spectra obtained.
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APPENDIX B
EFFECT OF SURFACE PREPARATION ON COPPER
CORROSION
The analysis of the cross-sections of corroded copper coupons showed a porous
microstructure that requires further investigation. To better understand the causes of this
phenomenon, a series of surface and cross-section images of freshly polished SKB Cu
coupons, etched SKB Cu coupons, as-received Cu coupons, and freshly polished cold-
sprayed Cu coating were obtained by SEM-FIB.
B.1 CHARACTERIZATION OF CORRODED SKB COPPER
Representative cross-section SEM images of corroded coupons after corrosion in
5 mM H2SO4 with initial pH of 2.0, and 5 mM NaSO4 with initial pH of 10.9 are presented
in Figure B-1 and Figure B-2, respectively. Figure B-1 shows the evolution of the copper
surface and cross-section with time (as discussed in Chapter 4). These results are presented
here to discuss the effect of surface preparation on the development of the observed porous
microstructure, and evolution to a pore-free microstructure at longer immersion times. The
cross-section SEM images of Cu corroded in 5 mM H2SO4 for different time durations
showed a highly porous microstructure adjacent to the outer surface for the 24-h corroded
coupon, and a smooth pore-free microstructure for the 96-h corroded coupon. In
5 mM SO42– solution with initial pH of 10.9, after 336 h, at the centre of the observed
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localized circular rings the pores were significantly more numerous and had a larger
average size than outside these rings (see Figure B-2).
Figure B-1: Cross-section SEM images of Cu after corrosion in 5 mM H2SO4 for
different time durations, showing a highly porous microstructure in the area just below
the outer surface of a 24-h corroded coupon and a smooth pore-free microstructure for the
96-h corroded coupon.
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Figure B-2: Cross-section SEM images of Cu after 336 h corrosion in 5 mM SO42– with
initial pH 10.9, showing the highly porous microstructure at the center of a localized
circular ring (line 1), and the area outside the circular rings (line 2).
B.2 CHARACTERIZATION OF ETCHED SKB COPPER
Figure B-3 shows the optical image of the SKB copper coupon etched in
70 V% HNO3 solution for 50 s, showing grains ranging from 50 to 200 µm.
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Figure B-3: Optical image of SKB copper coupon, etched in 20 ml 70 V% HNO3 for
50 s.
B.3 CHARACTERIZATION OF FRESHLY POLISHED SKB COPPER
The surfaces of copper coupons were prepared by mechanical polishing using
silicon carbide (SiC) sandpapers ranging from p100 to p1200 grit size. Figure B-4 shows
the images of freshly polished SKB copper. Figure B-4a and Figure B-4b are different
magnification optical images showing residual SiC, polishing lines and non-uniformities
of the surface. Figure B-4c and Figure B-4d show representative cross-section images of
the freshly polished Cu coupon. The size of the largest observed SiC particle was 80 m.
The sizes of the SiC particles in grit p240 to p1200 sandpaper range from 45 m (for 240
grit size) to 3 m [1].
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Figure B-4: SEM images of the surface and cross-section of a freshly polished Cu
coupon. (a) and (b) are different magnifications of the surface, showing SiC particles,
polishing lines, and the nonuniformities of the surface, and (c) and (d) are different
magnification SEM images of the FIB-cross section of the surface showing different
layers with different Cu morphologies, voids in the top layer, and SiC particles embedded
beneath the Cu surface.
The FIB-cross section of copper confirms the existence of three layers. The top two
layers can be seen in Figure B-4d. The copper morphology of the top layer (layer 1) shows
features characteristic of strong adhesive wear after polishing. This film is formed by tribo-
sintering, which occurs at high pressures in combination with friction energy [2]. Voids
and cracks are seen only in layer 1 and are attributed to local shear stress caused by friction
and concentrated at stacking fault locations [2]. The thickness of this damaged layer is
approx. 200 nm. Layer 2 is a nanocrystalline layer observed below the damaged layer and
has a grain size of less than 1 m. The compositions of the different layers were measured
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by FIB-EDS, which indicated that these layers are made of pure copper. EDS analysis also
confirmed that SiC particles were present on the surface and were embedded in copper at
a significant depth, in this case 200 nm below the surface. The third layer is the bulk copper
with grain sizes of 100-500 m, which is found beneath layer 2, but is not shown in Figure
B-4.
Polishing residual stress causes plastic deformation of the top layer of the copper
coupons. The number of dislocations present in a crystalline material increases during
plastic deformation. The increase in free energy due to these defects thermodynamically
destabilizes the material. Removal of the defects or their rearrangement to a lower energy
configuration may occur at room or high temperatures via solid-state diffusion. During the
recrystallization process, new dislocation-free grains are formed within the reformed
structure. The new crystals will grow and consume the high dislocation density grains. The
recrystallized structure is more thermodynamically stable. The size of the new grains will
vary depending on the annealing procedure and other metallurgical properties [3]. The
temperature of the sample increases during focused ion beam irradiation due to the
conversion of the transferred kinetic energy of the beam to heat by electronic excitations
and collisions [4]. Dynamic recrystallization is also a probable cause of the recrystallization
of copper at the top layer. In this process, as opposed to static recrystallization, the
nucleation and growth of new grains occur during plastic deformation. Dynamic recovery
processes mainly occur during thermomechanical processes such as hot rolling and forging
[5]. However, in copper, extensive plastic deformation at room temperature may cause
dynamic recrystallization [6].
The cross-section of the cold spray coating is very similar to that of the SKB
coupon, but with fewer voids observed. Figure B-5.
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Figure B-5: SEM images of the cross-sections of the freshly polished cold spray copper
coating surface (a and b), showing the damaged layer with fewer pores compared to the
SKB coupon, and the nanocrystalline layer (c and d) after slightly (5 s) etching with nitric
acid solution showing a porous copper surface with embedded SiC, a thin, damaged layer
and the nanocrystalline layer.
B.4 CHARACTERIZATION OF SLIGHTLY ETCHED SKB COPPER
The other unusual behaviour, as mentioned earlier, is the existence of SiC 100 nm
below the outer surface. During the mechanical polishing of copper, the outer layer may
experience a high degree of deformation, causing the implantation of hard SiC particles
deep under the outer layer. To further investigate the embedding of SiC particles, additional
cross-section studies were performed on slightly-etched SKB copper. Half of the Cu
coupon surface presented in Figure B-5 was slightly etched to remove the top damaged
layer of copper (layer 1). As shown in Figure B-6c and Figure B-6d, the top layer is almost
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removed after etching. However, the etching process revealed that innumerable SiC
particles were embedded under the damaged top layer and appeared after slight etching (for
5 s).
Figure B-6: SEM and FIB-cross section of a copper coupon after etching with nitric acid
solution. (a) and (b) show different magnifications of the surface, showing a porous
copper surface with many SiC particles of different sizes, and (c) and (d) are the FIB
cross-sections of surface areas devoid of SiC showing a very thin, amorphous,
nanocrystalline layer.
Large pits at the surface are formed when the SiC particles are removed. This
observation raises the question as to whether or not the polishing may introduce impurities
into the cold sprayed and/or electrodeposited coatings during the manufacturing process or
the placement of used fuel containers in the repository.
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B. 5 SUMMARY
No statistical studies were performed on the number density and the size
distribution of the holes. A porous microstructure was nevertheless observed in the
damaged layer of freshly polished Cu coupons. The cross-section of the cold spray coating
was similar to that observed in SKB copper, except that the volume density of the pores in
the tested cross-sections was lower.
Cross-sectional analysis of SKB copper and the cold spray copper coating
demonstrated that the porous microstructure observed after short periods of corrosion of
copper in 1.3 cm sulfuric acid solution already exists after a short time of corrosion, and
metal loss after long periods of corrosion removes this porous copper layer.
The analysis of the polished and etched copper samples showed that silicon carbide
particles can embed up to 0.1 m below the outer surface. The detected traces of silicon
and carbon at the center of the concentric rings, where there is a greater corrosion depth,
can be attributed to the presence of silicon carbide particles embedded in copper during the
polishing process.
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APPENDIX C
THERMODYNAMIC DATA FOR COPPER, SULFATE,
AND NITRATE REDOX SPECIES
The relevant thermodynamically possible sulfate reduction reactions are listed below
(Eq. C-1 to Eq. C-3). The standard potentials are for unit activities (𝑎 = 1) of each species.
SO42 + 4 H+ + 2 e ⇌ H2SO3 + H2O , 𝐸𝑟𝑥𝑛
𝑒𝑞  (VRHE) = 0.172                (Eq. C-1) [1]
2 SO42 + 4 H+ + 2 e ⇌ S2O62 + H2O , 𝐸𝑟𝑥𝑛
𝑒𝑞 (VRHE) = - 0.22                 (Eq. C-2) [1]
SO42 + 9 H+ + 8 e ⇌ S2 + 4 H2O , 𝐸𝑟𝑥𝑛
𝑒𝑞  (VRHE) = 0.179    (Eq. C-3) [2]
In nitrate solution, the most important reduction reaction of nitrate is reaction (C-4).
The 𝐸𝑁𝑂3–(sat'd)⇌𝑁𝑂2–
𝑒𝑞  is indicated on the diagram on the left-hand panel.
NO3– + 2 H+ + 2 e– ⇌ NO2– + H2O, 𝐸𝑟𝑥𝑛
𝑒𝑞  = 0.845 VRHE (at NO3−/NO2− =1)(Eq. C-4)[1]
The following are the 𝐸rxn
𝑒𝑞   values for copper redox reactions (Eq. C-6 to C-9):
Cu2O + H2O + 2 e–  2 Cu + 2 OH–, 𝐸𝑟𝑥𝑛
𝑒𝑞  (VRHE) = 0.466         (Eq. C-5)
Cu(OH)2 + 2 e– Cu + 2 OH–, 𝐸𝑟𝑥𝑛
𝑒𝑞  (VRHE) = 0.604         (Eq. C-6)
2 Cu(OH)2 + 2 e–  Cu2O + 2 OH– + H2O, 𝐸𝑟𝑥𝑛
𝑒𝑞  (VRHE) = 0.746         (Eq. C-7)
Cu2O + H2O ⇌ CuO + H+ + 2 e, 𝐸𝑟𝑥𝑛
𝑒𝑞  (VRHE) = 0.670         (Eq. C-8)
The standard potentials and Gibbs free energy change values are related according to
equation Eq. C-9.
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 𝐺0 =  −𝑛𝐹𝐸0         (Eq. C-9)
where 𝐺0, n, F, and 𝐸0, are the Gibbs free energy change, number of electrons, Faraday
constant, and standard potential, respectively. The Gibbs free energies of formation for
copper compounds were calculated and the results presented in Table C-1. The values are
the same as reported in the literature.
Table C-1: Thermodynamic data at 25º C for the water-copper system [3].
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